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PREFACE 


The process of rewriting, correction of errors, addition of new 
matter and bringing the book uptodate has been steadily pursued in 
the present edition in almost all chapters, particularly in the chapters 
on thermodynamics, chemical equilibrium, reaction kinetics and 
atomic structure. The author is under obligation to many fellow 
Professors in different colleges and Universities who have sent sugges- 
tions and letters of apprecitation, some of which appear in the appendix. 
My special thanks are due to my research associates, Dr. Susanta 
K. Sen Gupta Ph. D. and Sri Dwijendra Nath Sarkar M. Sc. for 

y help. P 

The author fervently hopes that this revised edition would continue 
to enjoy the full measure of support and confidence of the Professors 
and students of Physical Chemistry of India, Bangla Desh, Pakistan 
and other neighbouring countries as before. 

Lastly, a word of apology for the unavoidable increase in price 
due to spurt in the price of paper (well over 200%) and printing & 
binding (more than 100%). The book has so far been the cheapest 
in the market ; we regret our inability to price it at a lower level. 


June 15, 1975. (SANTI R. PALIT) 


Indian Association for the Cultivation of Science, 
Jadavpur, Calcutta-32. 


(Sixteenth Edition, June 1, 1970) 


The chapters on reaction kinetics and atomic structure have been 
virtually rewritten. Thanks are due to my students, Dr. Dilip Kumar 
Sarkar of Presidency College, Calcutta, for meticulous proof reading 
and Dr. Indrajit Kar for checking the answers to the sums. The 
author is grateful to Prof. Govinda Lal Banerjee, D.Phil. of Ashutosh 
College and Dr. K C. Ray of Jadavpur University for pointing out 
mistakes. 


(Fifteenth Edition, September 30, 1967) 

Sections on nuclear fission and energy have been included in 
order to keep in step with recent developments. I am especially 
thankful to Mr. K. Chaudhury of Aligarh for suggesting inclusion of 
equation 13.3, to Prof. D. L. Mathur (Jodhpur) for pointing out 
mistakes and to Profs. Shib Shankar Prasad and Surajit Chatterjee 
(both of Barisha, Calcutta) for making suggestions, to my student 
Sri Prabir Kumar Dutta and my son Bobby for help in proof reading 
and to many others for help. 


(Fourteenth Edition, January 2, 1956) 
i i t edition. 
The book has been revised throughout in the presen 
Besides, the sections on atomic and molecular structure have been 
rewritten to bring them in line with current concept. It is indeed 
a pleasure to express my thanks to all who have helped by pointing 
out mistakes and inaccuracies and by offering comments and sug- 
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gestions. My special thanks are due to Sir Bidyendu Mohan Deb, 
M.Sc. (I.A.C.S., Calcutta), Prof. Y. K. Gupta, Ph.D. of Rajasthan 
University and others. 


(Thirteenth Edition, August 10, 1962) 

The author is specially apprecitative of and thankful to Prof. 
Serajul Islam of Carmichael College, Rangpur, East Pakistan who has 
made a number of concrete suggestions for improved presentation 
which have been practically fully implemented. Thanks are also due 
to: Prof. K. K. Dole, Poona, Prof. M. Rahman, Rajashahi (East 
Pakistan), and others for helpful comments. i 


(Twelfth Edition, March 10, 1961) 

The task of revision has been made easy and pleasant through 
the help, suggestions and kind comments from many Professors of 
India and Pakistan by personal communication to all of whom I am 
sincerely thankful. Special thanks in this regard are due to Prof. S. 
Y. Namjoshi, Nagpur, Dr. R. D. Desai, D.Sc , Ahmedabad, Dr. G. V. 
Bakore, Ajmer, Dr. K. M. Chakravarty, D.Sc., Kashmir, Prof. A. S. 
Bose, Bon Hooghly and Prof. P. N. Sharma, Agra. I am grateful to 
Prof. H. N. Gupta of Serampur College, Prof. M. D. Gaikwad of 
Mahakoshal Mahavidyalay, and Prof. E. Krishnan of St. John’s 
College, Palamkottai for pointing out mistakes. 


(Eleventh Edition, Fune 25, 1959) 


. .. -I have received ungrudging assistance from a few of my 
research associates, specially from Sri Tilak Guha, M.Sc., to all of 
whom my earnest thanks are due. Many of our Professors have 
helped me by offering suggestions and information and by pointing 
out mistakes, inaccuracies and incongruities to all of whom I am 
greatly indebted. On this account my special thanks are due to 
Dr. M. N. Das, D.Phil., D.Sc., Jadavpur, Prof. R. D. Sharma, Jodhpur, 
Prof. C. M. Gupta, Kota, Prof. M. S. Murdia, Udaipur, Prof. S. C. 
Bhattacharya (Midnapur), Prof. V. Gopalakrishnan, Annamalainagar, 
Prof. Y. V. Lawande, Bombay, Prof. P. S. Sastry, Bijapur, Prof. 
Serajul Islam, Bengladesh, and others. 


(Tenth Edition, July 12, 1956) 

In this major remodelling of the book I have been helped by 
suggestions from many Professors, my debt to whom is a pleasure to 
acknowledge. I specially thank Prof. P. V. Appu, Palaghat, Prof. M. 
Thale, Indore, Prof. C. M. Desai, Ph.D., Indore, Prof. K. K. Dole, 
R ae Poona, Prof. J. N. Gaur, Ph.D., Jaipur, Prof. A. N. Halder, 
ka wa Prof. D. Krishnamurty, Bikaner, Prof. V. V. Narasimha 
E p Prof. M. L. Pai, Ph.D., Baroda, Prof. B. B. Palit, Contai 
RE pe » P. Shukla, Ph.D., Indore, and also Prof. A. K. 

acharya, D.Sc., Agra, Prof. D. K. Bose, Calcutta, Prof. P. K. 


Bannerjee, D. Phi is 
for erstwhile Sie eco and Prof. R. K. Saxena, Ph. D. Rajasthan 


Dedicated 
To the memory of 
MY BELOVED PARENTS 
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Fundamental Physicochemical Constants 
Avogadro Number, N = 6.02295 x 103 mole! 
‘ Electronic charge, e = 1.60206 x 10-18 Coulombs 


= 1.602 x 10-*° electromagnetic unit 
= 4.802 x 10-10 electrostatic unit 


Faraday of Electricity, F = Ne 

= 96,493.5 Coulombs equiv.-1 
Boltzmann constant, k = 1.38405 x 10-48 erg degree 
Gas constant, R : = Nk=82.0560 cm.3 atm. deg.-? mole~* 


8.31432 Joules degree-> molet 
1.98717 cal. deg.-+ mole 


Ill 


Planck’s constant, h = 6.6252 x 10-2? erg sec. 
Speed of light in vacuo, ¢ = 2.999310! cm sec.-1 
[N=F/e=R/k ; 1 emu. = e.s.u.] 


ST (System International) Units 


Quantity Name Symbol Expression Dimension 
Force Newton N m. kg, s-® 
Pressure Pascal Pa N/m? m. kg: s72 
Energy, Work Joule J N. m m2. kg. s7? 

r Heat 

Power ~ Watt Ww Jis m?. kg. s-3 
Genes, Coulomb C A.s s. A 
Conductance Siemens S A/Volt m7. kg-1s8,A2 


SI Base Units : m=metre; kg—=kilogram ; s=second ; A=ampere 
Conversion Factors :— 


Multiply calories by 4.184 to obtain Joules 
5 dynes ,, 10-5 
rf) atmos. ,, 101,325 


» » Newtons 


5 5 Pascals 


wo Guston TLERES 53 
ee ea 119882 os a A 


CONTENTS 


Part I. Properties of Some Simple 
Physicochemical Systems: 


I. Introduction .. : 1 
II. The Ideal Gas and its Kinetic Molecular Theory 3 
III. Real Gases .. 3) 2 
IV. Molecular Weights of Gases. Dissociation Bo SP 
V. Gas-Liquid Transition. The Liquid State Sa ese] 
VI. Solid and Crystal Structure ca a 
VII. Physical Properties in Relation to Molecular 
Structure ` .. an TES 
Part I. Thermodynamics and ee, 
Equilibria. 
VIII. First Law of Thermodynamics b5 op» E) 
IX Thermochemistry fe Co KR 
X. Second Law of Thermodynamics 50 po, tay 
XI. Solution : General A sey 135 
XII. Physical Chemistry of Dilute Solutions Er 
I. Osmotic Pressure. yA 
XIII. II. Lowering of Vapour Pressure and Related 
Properties as Sg ao G) 
XIV. Homogeneous Equilibrium 80 oo PAW 
XV Heterogeneous Equilibrium v -. 228 
Part Il. Electrochemistry 
XVI. Electrolytic Dissociation and Conduction .. 240 
XVIL; Ionic Equilibrium sd aS +. 258 
XVSII. Electrochemical Cells : ae ae UG 
XIX. Acids and Bases ; pH and Indicators .. 294 
Part IV. Passage Towards Equilibrium 
XX. Speed of Reactions an se oot 313 
XXI. Catalysis Be ie oe a EES 
XXII. Photochemistry — ac e -» 342 
Part V. Surface Chemistry 
XXIII. Adsorption and other Surface Phenomena a0 SEH) 
XXIV. Colloid Chemistry A ne .. 360 
Part VI. Structure of Matter 
XXV. Atomic Theory and Atomic Weights .. --_ 313 
SVE Elementary Particles. Radioactivity ... = =: 1385 
XXVII. Nuclear Model of Atom .. -| ae 
XXVIII. Electronic Theory of Yay z a 
Epilogue 7% "433 


Index 20 


(viii) 


PERIODIC TABLE OF THE ELEMENTS 
(Long Form) 


s-Block <-——_—-d-Block —————_> <-—_-Block— > 
elements elements elements 


Cd|im Te 


48|49|50|51 |52|53|54 
TLUPb|Bt |PojJAtIRN 
e |82 |83 |84 |35 |86 


RARE EARTHS ~ TRANSURANIUM 
ELEMENTS. 


LANTHANIDES xy) La|celPr|Nd|PmlSmlEu|Ga|Tb|Dy|HolEr |Tm|Yb|Lu 
57 |58|59|60 |61 |62|63|64|65|66|67|68 o|7I 

| actives, +[ AS [Thi Pa U eae Es|Fm|Mal neal 
89 |90 92 193 |94 |95 |96 [97 |98 |29 | 1001101 [loz }103 


; “He who makes two blades of grass grow where one grew before is the 
factor of mankind; but he who obscurely worked to find the laws of such 
growth is the intellectual superior as well as the greater benefactor of the two.” 


Rowland, 1899 


PART I 
PROPERTIES OF SIMPLE PHYSICO-CHEMICAL SYSTEMS 


The eternal mystery of the world is its comprehensibility. 


___—Albert Einstein 
(‘Physics and Reality”) 


CHAPTER I 
INTRODUCTION 


Growth of Science—In the workhouse of imagination reason 
moulds experience into science. Human experience as such never 
constitutes a science but is merely a loose collection of facts and 
though important is hardly interesting by itself. Man as a thinking 
and speculative being attempts to bring order and cohesion into this 
wilderness of facts by weaving them into a satisfying pattern clearly t 
highlighting the co-ordination and correlation among the various sets 
of facts ; and the resulting coordinated pattern of knowledge is science. 

The individual human wit being very meagre in its scope and 
the heritage of collected facts growing bigger and bigger from genera- 
tion to generation, science divides and subdivides itself into inter- 
merging branches and sub-branches in its onward triumphal march. 
The line of demarcation between any two divisions of science being 
necessarily hazy and conventional, border-line subjects where interests 
overlap and which can stand as a common meeting place, naturally 


come into being. 

Physical Chemistry as a Scientific Discipline— Physical Che- 
mistry is one such border-line subject where rigours of mathematical 
reasoning and mighty imagination of physicists are welded together 
to illuminate varied chemical phenomena with telling and often 
startling results. ` Like any other branch of scientific knowledge, its 
advances have been made through synthetic as well as analytic appro- 
aches, through framing of theories and hypotheses, through strict 
deduction and soaring imagination, the expediency dictating the 
method used. So, its main objective is to arrive at an understanding 
of chemical phenomena and facts by following strictly scientific 


methods. 
Law, Hypothesis and Theery—From observations and experi- 


ments facts accumulate, and from this collection of facts one in the 
course of sorting out similar facts, finds out some generalisation valid 
for a group of these facts. If this generalisation can embrace a large 
number of facts and is not found failing in a single case so far tried, 
it is termed a Law. The law of conservation of mass 1s truly a law 


for within its scope it has always been found to be true. 
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There is another scientific method, often used, which has contri- 
buted much towards the development of science. This is the framing 
of hypothesis. An imaginary model is framed so that the expected 
property of the ‘model corresponds to the known property of the 
system under investigation. Such a bold conjecture constitutes a 
hypothesis and taking for granted the truth of a hypothesis, facts are 
explained on its basis. 


A hypothesis, though of a speculative origin, should on no 
account be regarded as a drill of imagination or “vain play of the 
mind”. On the other hand, it has been most fruitful and illuminating 
in the pursuit of science. It suggests new experiments to test its own 
validity and opens up newer avenues of research. If further experi- 
ments reveal the insufficiency of a hypothesis, it is either to be modified 
or rejected but whatever may be the result, lasting gain always 
accrues to science, for, by this means fresh stocks get added to our store 
of knowledge. So a hypothesis is always on probation only, and on 
the first failure should be modified or substituted without any con- 
sideration of its past service. ‘Accordingly, a hypothesis is not the 
end but rather the means of attaining the end.” 

When a hypothesis is found to be in harmony with all the known 
facts in a given field, it is promoted to the rank of a theory. The 
distinction between hypothesis and theory is that “a hypothesis is an 
isolated mental picture or assumption ; a theory is a connected system 
of ideas.” The distinction between a theory and a law is that a 
theory often involves detailed consideration about the structure of 
matter whereas a law is just a summarising statement on the be- 
haviour of nature. 

Main Streams of Physical Chemistry—There are two general 
problems which are most fundamental to physical chemistry and the 
major portion of the efforts of physical chemists is spent on them. 
They are the problems of chemical equilibria and chemical kinetics. 
In other words, our primary concern is a knowledge about where the 
equilibrium position will be in a given chemical reaction and how 
fast that equilibrium will be attained. Following the high road of 
thermodynamics a satisfactory solution of the first problem has been 
at least in principle, achieved, whereas a good start has of late heen 
made towards the solution of the technically important second pro- 
blem. Besides these, the detailed knowledge of atomic structure 
as revealed by physicists has been very ably used by physical 
chemists to understand the most basic problem in chemistry, viz. 
how and why atoms combine. 2 


These subjects along with some introductory matter and some less 
fundamental but often practically more important topics would be 
our subject of study in the present book on a very elementary level. 


a 


} CHAPTER II 


A 
da THE IDEAL GAS AND. ITS KINETIC-MOLECULAR 
THEORY 


(a The Nature of Gases—A gas may be defined as a homogeneous 
D substance whose yolume increases without limit when the pressure on 
[7 “ý it is continuously reduced, the temperature being maintained cons- 

tant. Gases are further characterised by the property that when 

4 different gases in any proportions whatsoever are brought into contact 
6 they diffuse rapidly into each other and form a homogeneous mixture. 


| 
$ In contrast with solids and liquids, gases are characterised by 
low density and high compressibility. Generally speaking, under ordi- 
nary conditions gases are about one-thousandth as dense as liquids. In 
point of compressibility, however, the difference is much more marked, 
liquids being about one hundred thousand times less compressible 
| than gases. 

{ It should be clearly emphasised at the outset, as it is to be proved 
later (Ch. V) that there is no sharp dividing line between the liquid 
and the gaseous state and in certain modes of transition it is very 
| difficult to say where one state ends and the other begins. 

f 
Lj 


The Gas Laws—A very striking fact about gases is that, indepen- 
dent of their chemical nature, they approximately obey certain very 
a simple laws with regard to their physical properties. There are three 
laws regulating the pressure, volume and temperature of any gas, 
which are enunciated below :— 


1. Boyles Law (1662)—Temperalure remaining constant, the 
volume of a given mass of gas is inversely proportional to the pressure t.e. 

A expressed algebraically, 
h Vey ..PV=constant (at constant temperature). W2 


i [Note that the symbol oc stands for ‘varies as’ or ‘is proportional to’). 
x 2. .Charles’ Law (1787) or Gay Lussac’s Law (1802)—Pressure 
f remaining constant, all gases expand or contract by the same fraction 
of its volume at zero degree centigrade per degree change in tempera- 
p ture. This law has two highly interesting consequences. They are— 
> (i) Firstly, the volume of a given amount of any gas at constant 
ressure increases linearly with ‘temperature, i.e. if V be graphically 
Plotted against ¢ (temperature in any scale) at constant pressure, a 

z straight line of positive slope would be obtained (Fig. 2). - 


l j (ii) Secondly, if we have any number of gas samples of the 
‘| — same volume and at the same temperature, the slopes of the above plot 
| JS (i.e. V versus T at constant P) would be the same for all these gas samples 
independent of their weight, nature or pressure. In other words, at 
constant pressure the volume of a gas increases linearly with tem- 
perature, and the rate of increase in volume per unit volume per degree 
% rise in temperature is constant and equal for all gases. > 
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Hence if V, and V are volumes at 0°C and ¢° C respectively, 


Increase of volume | 
per unit volume | 
per degree risein | 
temp. ) or V=V, (1-+a #) ate 22 
Now a has been experimentally found to be equal to 1/273.1, 

and so inserting the experimental value of a we have 


V/V. =(273.1-++4) [273.1 
If we define a new temperature scale and let it start from minus 


273.1°C and call this absolute scale of temperature denoted by T, we 
have T=273.1 -+t and so 

V/Vo =T/To or V2/Vi=T,/Ty <S 43) 

Hence Charles’ law may be alternatively stated as’ follows : 

Pressure remaining constant, the volume of a given mass of gas is directly 
proportional to the absolute temperature. In other words, if the volume 
of a gas is plotted against absolute temperature a straight line pass- 
ing through the origin is obtained (Fig. 2) ; whereas with other scales 
of temperature a straight line would also be obtained but this straight 
line would not pass through the origin. 


Absolute scale of temperature is usually given the symbol °K 
(degree Kelvin) after Lord Kelvin who first put the concept of absolute 
scale of temperature on a rigorous scientific footing- 

3. At constant volume, the pressure of a given mass of gas is 
directly proportional to the absolute temperature, i.e., expressed 
algebraically P < T or R/T=const. (at constant volume). 


The above three laws are not independent, and given any two, 
the other one can be very simply deduced. 


=(V—V,) / (Vo X#)=constant, say, a 


{SOTHERMALS 
PV Const. 


pressure 
VOLUME 


273K TEMPERATURE ——> 


vojuraz 
Fig. 1—Isotherms of Ideal Gases Fig. 2—Isobars of Ideal Gases 
(Boyle’s Law); Z3>22>7; . (Gharles? Law); p>p:>bı 


Boyle’s law is graphically represented on squared paper by plot- 
ing pressure against the volume at constant temperature. The curves 
are of the rectangular hyperbola type (Fig. 1) ; they are called isotherms. ° 
Similarly, Charles’ law is graphically represented by plotting volume 
against absolute temperature at constant pressure when we get straight 
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lines inclined to the axes and passing through the origin indicating 
that the volume of a gas theoretically vanishes at absolute zero (Fig. 2). 
In reality a gas gets condensed much before it could be cooled to 
absolute zero and hence this theoretical expectation is never realised 
in practice. 

Curves in Fig. 1 are called isotherms since they represent the be- 
haviour of gases at constant temperature, and curves in Fig. 2 are 
called isobars since they refer to gases at constant pressure (iso=same, 

_ bar=pressure). P versus T curves (V=const.) are called isometrics. 

Combination of Boyle’s and Charles’ Laws—tThe gas laws 
can be summarised in a single equation by combining eqns. 2.1& 2.3 
with the help of a well known method of algebra as follows : z 

Let P=pressure, V=volume, and T=absolute temperature of 
a given mass of a gas. 

V varies as > when T is constant (Boyle’s law). 
and V varies as T when P is constant (Charles Law). 


So, V varies as ds XT, when all of them vary. 


P 


Or, V=constant X 


PV 
or, =p =constant=k ; 


12 

PiVi _P-Vo 
or ie par. 5a eS 
Or, PV SAE e a2 j EUS, 


i.e. the product of pressure and volume of a given quantity of any 
gas is proportional to the absolute temperature. 

Mole—Molecular weight expressed in grams is called a gram- 
mole or simply a mole. Thus, one mole of hydrogen stands for 2 
grams of this gas, one mole of oxygen represents 32 gms. of oxygen, 
and so on. 

Ideal Gas Equation—At any: given pressure and temperature, 
the volume of a gas is proportional to the amount of the gas present, 
and so the value of k in the foregoing equation is proportional to the 
amount of the gas taken. Now, according to Avogadro’s hypothesis 
a gram-molecule, commonly called ‘mole’ (molecular weight expressed 
in grams), of any gas occupies the same volume under the same con- 
ditions of temperature and presure, and so, the value of the constant, 
k is the same for one gram molecule of all gases, independent of the 
conditions under which the gases are measured. This value of the 
constant, & referred to per gram molecule, is usually represented by 
R and is called the molar gas constant. ‘The equation then assumes 


the familiar form : 
PV=RT $ 5 As 2.6 


where V is the volume of one gram-molecule of any gas, under a pres- 
sure P and at an absolute temperature T ; equations of this type which 


1 
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correlate pressure, volume and temperature are called equations 
of state and so the above equation is called the EQUATION OF 
STATE of an ideal or perfect gas. 

The student should note that eqn. 2.6 and its modifications, eqns. 2.7, 2.8 & 2.9 
contain all the three gas laws, Boyle’s, Charles’ and Avogadro’s law whereas eqn. 2.5 
contains only the first two of these three laws. 

The equation of state of an ideal gas, PV=RT is applicable to 
one gram molecule (henceforth to be called MOLE), but if there are 
present ‘n’ moles of a gas the equation assumes the form PV =nRT, 
since the volume will be n times multiplied and so the right hand 
side is to be multiplied by n. If there are present ‘g’ gms of a gas of 
molecular weight M, then evidently, the number of moles, n=g/M, 
and therefore, PV=(g/M)RT. These three alternative forms of the 
equation of state of a perfect or ideal gas are listed below :— 


(i) PV=RT_.. valid for one mole 90. Axe) 
(ü) PV=nRT .. valid for any amount (n moles) .. 2.7 
(äi) PV= RT ..  -do- (g gms. of mol. wt. M) .. 2.8 
(i) PM=dRT .. -do- (d=density.) 1. 29 


In the above equations, P and V may be expressed in any system 
ef units with a corresponding change in the unit and numerical value 
of R, but T is to be always expressed in absolute scale. 

- Ideal Gas Equation and Real Gases—The ideal gas equation, 
PV=RT, is an idealised equation, which is not obeyed by a single 
gas over an extensive range of temperature and pressure. It is at 
best a representation of the average behaviour of real gases under 
ordinary conditions, and is a code of conduct which we hope all well- 
behaving gases should aim to follow. 


PV per Mole inc.c.-atmos. at N.T'.P. for some Gases 


Perfect gas .. 22,415 Argon ++ 22,390 
Hydrogen os 22,432 Chlorine eR 22,063 
Helium z.. 22396 Garbon dioxide «.. "22,263 
Nitrogen 1 22403 Ethane ki -22172 
Oxygen we. 22,392 Ethylene te 22,246 
Ammonia 22,094 Acetylene 92,085 


The PV-values for a few real gases at N.T.P. as collected in the 
above table, clearly show that this value is not exactly the same for 
all gases. Hydrogen occupies a slightly higher volume than that of 
a perfect gas and the other gases occupy a little less volume ; for 
example, a mole of chlorine occupies about one-third of a litre less 
volume than that of a perfect gas. The most significant fact, how- 
ever, is that this value is exactly the same for all gases at sufficiently low 
pressure and is equal to RT, the value for perfect gas. In plain words, 
whatever may be the value of PV of any gas,—it does not matter 
whether it is higher or lower than the perfect gas value—this value 
would change with lowering of pressure to ultimately attain the 
perfect gas value and further reduction of pressure would leave this 
value unaffected (vide Amagat’s curves, P. 24). So, the ideal gas 
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equation may be regarded as a limiting law valid for all gases under 
the limiting conditions of zero pressure. However, for many purposes, 
specially at moderate pressures and away from its condensation tem- 
perature, we shall be using the ideal or perfect gas equation to des- 
cribe the behaviour of real gases because the ideal gas approxima- 
tion is good enough for our purpose for such applications. 


Modified Form of the Ideal Gas Equation—The general gas equation is some- 
times modified to correlate density. 


ee _ gRT OPRI 
PV=3jRT, Or, P= SM Or, P=d5G cm 2.9 
: ne S ass E 
[since d=Dcnsity =- ume 3| 


Or, for any given mass of gas at constant temperature, pressure varies directly 
as the density, ie. P/d=const. This form of the gas equation is very suitable 
for application to gases with non-uniform pressure, 1.¢. if pressure is nct the same 
all throughout the gas, for example, a gas in a gravitational field. Hence, as we 
move out in space, the pressure of the carth’s atmosphere may vary from point to 
point as also the density but the two would be correlated by the above equation. 


Dimensions of the Molar Gas Constant, R—The gas con- 
stant, R, is not an abstract number but has the dimension of energy 
per degree per mole, and its numerical measure will therefore vary 
in different systems of unit. That R has the dimensions of energy 
divided by temperature may be proved as follows. For one mole of 
a perfect gas we have 


PV ay) 
R= =PXV X T 
Now P=Pressure=Force per unit area=Dyne/cm?; V=Volume/mole=Cm*/mole. 
Force 1 
So, R= Area X Volume per Mole XTemp. 


fs 1 z Volume _,,. * 
=Force X Distance X Temas mole [Since, TATER =Distance] 


=Work (i.e. Energy) per degree per mole 


2 dynes X cm? dyne xcm Dag 
Alternatively, R e per mole= Faeries per mole Rese per mole 


=Energy per degree absolute per mole. 


and since energy can be expressed in different systems of units as 
ergs, calories, etc., R will also have different values in these different 


systems as calculated below. 


VALUES OF R 


a) R in C. G. S, Unit—From the experimentally observed fact 
a ; gram-molecule of any gas occupies 29.4 litres at N.T.P., the 
numerical value of R is calculated as shown below— ; 

Normal pressure=76 cm. of mercury 
—76 xX 13.6 X981 dynes per sq. cm. 
[Density of mercury=13.6 and g=981 C.G.S. units] 
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RPV 76x13.6 x981 x 22.4 1000 
T 273 
=8.3162 X 107 ergs per degree per mole. 
=8.3162 joules per degree per mole. [Since, 1 Joule=10" ergs]. 


(b) R in Litre-atmosphere—If pressure is expressed in atmos- 
pheres and volume in litres. 


ergs per degree per mole 


R= 1x 37-4 0.082 litre-atmosphere per degree per mole. 
(c) R in Calories— 

Now R=8.32 x 10? ergs per degree per mole 
But 1 calorie=4.18 x10? ergs (Mechanical equivalent of heat). 


À, Rp =1.987 calories per degree per mole 


=(nearly) 2 cals. per degree per mole 


(d) R in Engineering Units—The value of R in foot-pounds per 
degree can be easily calculated from’ the known fact that one pound- 
mole (molecular weight expressed in pounds) of any gas at N.T.P. 
occupies 359 cubic feet. 

r RAEN 2116.8 x 359 
aL, 273 
[since 1 atmosphere=14.7 lbs. per sq. in.=14.7 x 144=2116.8 Ibs. per sq. ft.] 

Exampte 1.—How many pounds of carbon monoxide are contained in a vessel 
of capacity 1000 cu. ft. at three atmospheres pressure and 0°C. 
ha _ MPV. 
MD eS et 

_ (28) x (3x 14.7 x 144)1000 

(2783) x (273) 

The chemical engineers often use degree Fahrenheit and a roportionate absolut 
scale (degree Rankine) in their calculations but the above SAIS is sufficient Bot 
the nature of such calculations. For rapid approximate enginecring calculations 
the student should do well to remember that 2.8 Ib.-mols of any gas are contained 
in 1000 cu. ft. at N.T.P., i.e. a 1000 cu. ft. gas reservoir at N.T.P. contains 2.8 times 
the pound-mole (mol. wt. in lbs) of a gas. 


VALUES OF R IN DIFFERENT UNITS 


=2783 ft.lb/degree per pound mole. 


=234.04 lbs 


R=8.31 X 107 ergs per degree absolute per mole 
=8.31 Joules per degree absolute ber mole 
=0.0821 litre-atmosphere per degree absolute per mole j 
=82,1 cc-atms. per degree absolute per mole 
=1.99 calories per degree absolute per mole 


N.B. The student should commit to memory at least one of 
the values of R and it is best to remember it as 0.0821 litre atmos- 
phere per degree per mole. Sums in this book have been worked out 
on this basis. The student should also note that very often the units 
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are given in algebraic notation ; for example, the last value of R then 
appears as 1.99 calories degree-+ mole—. 

The most precise value of R, the universal gas constant as given 
by U.S. National Bureau of Standards is 1.98718-++0.00013 calories. 
per degree or 8.31298 +0.00054 International Joules per degree. 


KINETIC MOLECULAR THEORY OF IDEAL GASES 


Basic Postulates of the Kinetic Theory—Since gases, in gene- 
ral, obey such simple laws, attempts were made to explain the be- 
haviour of gases from a mechanical model. This model which is the 
outcome of the labours of Maxwell, Boltzmann, Clausius and others. 
mainly during the later part of the last century, is known as the kinetic 
theory of gases. 3 

The theory was put forward before the structure of matter was. 
understood ; nevertheless, it has been extremely useful as a theore- 
tical basis for interpreting the properties of gases. The fundamental 
postulates of the kinetic theory are the following :— 

(a) The kinetic theory assumes that a gas is made up of an 
exceedingly large number of minute particles (the molecules of the 
atomic theory) all having the same mass. The molecules are sup- 
posed to behave like solid, spherical and perfectly elastic particles having 
no attraction or repulsion for each other. 

(6) The molecules are moving at random in straight lines with 
high velocities undergoing elastic collisions with each other and 
against the walls of the containing vessel. The pressure exerted by 
a gas is due to the continuous bombardment on the walls of the 
containing vessel by the gas molecules as a result of their chaotic 


motion. 


Obviously, 
will be greater in num 
is less room for motion; this e 
is decreased. 


(c) The molecul 


llisions among molecules themselves and against the walls. 
me On Ber when ne volume is decreased because then there 
xplains why the pressure gets increased when the volume 


es are themselves of a very small dimension, 

their actual volume being negligible in comparison with the space 
at their disposal 7.e. the volume of the vessel. ; ; ; f, 

is i si to be true now in retrospect from the now known diameter 

of EE T the molecules of ordinary common gases have diameters 

: Angstrom unit=10-§ cm] which is evidently negli- 


o 
in the range, 2 to 5A [A=one s: +: 
gible in AE A with the dimensions of the containing vessels. 


Kinetic Theory—Let us imagine a certain 
Gan taws Ho orined in a cube (Fig. 3) the length of whose 


guenn oF = eae total number of molecules be n and let each of 
them have a mass equal to m. The molecules are orng at random 
with different speeds the average of which is ¢ (ons a Yi: > a al 
average speed but is another type of average speed ca S| the root- 
mean-square-speed, vide 11). Since the average speed is c, we 

lecules are moving with the same velocity ¢ 


t all mo 
Ta Lew eebie sine ctor and let us calculate the effect produced on 
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each wall. Concentrating our attention upon a particular sae 

an resolve its velocity ¢ into three components, wu, v and w at 
Heb angles to one See and parallel to the sides AB, AC and AD 
-of the containing vessel. 

The component wu parallel to AB, has effect only on the wall 
AGED and the wall opposite to it ; it has got no effect on the other 
walls. The molecule strikes with the velocity u and rebounds with 
the same velocity, since the walls and the molecules behave like 
perfectly elastic solids. So, the momentum before collision in the 


MOMENTUM +mnu 


MOMENTUM _—™mu 
eS 
MOLECULE REBOUNDS 
Fig. 3—Kinetic Theory Fig. 4—Change of momentum on 
Deduction. rebound from wall. 


direction AB is mu and after collision in the same direction is —mu 
(Fig. 4). 

Hence, the change of momentum per collision=original momen- 
tum—final momentum = mu—(—mu) = 2mu. 


If the distance between two opposite walls be / cm. the particle 
‘suffers one collision after each / cm ; therefore, the total number of 


xs 
L 
‘due to the component u is equal to change of momentum per collision 


‘collisions per sec.=—. So, the total change of momentum per sec. 


2 
total no. of collisions per sec. eee . Similarly, the change of 


momentum per second for the other two components v and w are 
‘Qmv? 2mw* : 
Si and las respectively. Therefore, the total change of 


d 2m 
momentum in one second per molecule=~- (u?+-v2 -+-w?) 


2mc? 3 : e 4 3 
AN (Since, by dynamics, c2=u?-+-v2+w?). 


If there are n particles present, the total effect on the walls will 
be multiplied n times. Therefore, the total change of momentum 


2 
for all the particles per second is equal to 2u 


But, according to Newton’s second law of motion, we know that the 
rate of change of momentum is equal to the impressed force. Now, 
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the impressed force i.e. the total pressure on the six walls of the cube 


is equal to PX6 


12, where P is the pressure per unit area and /? is the 


area of each face. So we can equate these two expressions for the 


impressed force. 


y Qmnc? 2 2a 
62P= < or P= a = (Since P=volume). 
Or, PV=imn ie ae se 201 0: 


The above deduction though made for a cube is valid for a vessel 
of any shape, for, the latter may be imagined to be partitioned into 


a large number 


of infinitesimally small cubes, the total volume of 


which is equal in the limit to the volume of the particular vessel. 
The equation (2.10) is then valid for each cube, but the pressures on 
opposite sides of the common wall neutralise each other and the 


only surface left 


on which the gas pressure acts, is the outward sur- 


face of the exterior cubes, which in the limit is equal to the surface 
of the containing vessel. 

Root-Mean-Square Speed—In the above deduction, the speed ¢ 
has been for simplicity called the average speed but really it is not 


the average spee 


d, c, but is the root-mean-square (r.m.s.) speed. The 


latter is defined as the square root of the mean value of the squares 


of the velocities 


of all molecules. If there are say, two molecules 


moving with velocities 1 and 7 cm. per sec. respectively their average 
speed is only 4 but their r.m.s. speed is the square root of 4 (12-++7?) 
ie., 5. The reason that r.m.s. speed, ¢ is to be used in the above 
calculation rather than the average speed, ¢, is owing to the fact that 


the total kinetic 


energy is an invariable quantity at constant tempera- 


ture and this total kinetic energy is $Mc?, and not 4Mc?. Thus 
in the above example of two molecules having speeds of 1 and 7 cm. 
per sec. respectively, the total kinetic energy 1s [4ml®-+4m77] =2 
X<4m52=No. of molecules X 4m (r.m.s. speed)*. 

The r.m.s. speed, c may thus be defined as the hypothetical velo- 


city which all the molecules of a ga 


energy was equ 
have speeds c1, 


s would possess if the total kinetic 


ally divided among them. Hence, if n molecules 


CAC a3 Cas A O d Cn respectively, the average 


speed, c and the r.m.s. speed, ¢ are given by the equations, 


Average Speed, i=% facet —— am) STETI 
ee ee 
2 2 CELE 4 2 

and R.MS. Speed, cm/s bee ret anno tte 242 


(a) Deduction of Boyle’s 


we find that for 


ture, the right-hand side is a cons 
constants and c also is constant at 
crease in c implies an increase 1n the 


Law—From eqn. (2.10), PV =§mno? 
t of any gas ata particular tempera- 
tant, since m and n are evidently 
a constant temperature, for an in- 
total kinetic energy of the particles, 


a given amoun 


which is not possible unless heat is supplied from outside. 
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Therefore, ata constant temperature, PV=constant, which is 
Boyle’s Law. 

(b) Deduction of Charles’ Law—Since an increase in tempera- 
ture by applying heat from outside must increase the kinetic energy 
of the particles, it is assumed that the mean translational kinetic energy 
of a particle is a measure of the temperature of a gas and is propor- 
tional to the absolute temperature, T i.e. kinetic energy œ T ; or, 
kinetic energy=const. x T. X 

Now PV=3mnc?=$n(3mc?) 

PV =Total Kinetic Energy=constant x T. TIS 

This is Charles’ law. 

Note that the word translational kinetic energy means the energy 
due to linear motion of the molecule as a whole and T is proportional 


to the total translational kinetic energy only. (See also the conclud- 
ing para of the next section). 


Kinetic Energy of a Gas Molecule—Equation (2.13) can be 
_ easily put in the following forms’ which clearly bring forth the rela- 
tionship between molecular kinetic energy and temperature. 


Total kinetic energy per mole=$RT sor alee 


Since kinetic energy of translation can be resolved into three direc- 
tions, which is expressed by saying that it has three degrees of freedom, 
we have 


Ee 1 
Kinetic energy per mole per a r 
degree of freedom E oo. Sie 


Mean Kinetic energy per molecule IIR iy 
per degree of freedom 24T 2.16 


where k (=R/N) is called the Boltzmann constant. This is in its sim- 
plest form one of the most, if not the most, profound relations in 
physical chemistry. 

Since the average kinetic energy per molecule for all gases at 
the same temperature is the same, it is easy to prove from equation 
(2.10) that the pressure of a gas is directly proportional to the number of mole- 
cules per unit volume at any given temperature. This is a very important 
relation and signifies that all molecules, big or small, exert the same 
pressure at any given temperature independent of its chemical nature. 

-This is rather surprising that a uranium hexafluoride molecule though 

one hundred and seventy six times heavier than a hydrogen mole- 
cule, exerts the same pressure as the latter. This paradox is easily 
understood if we remember that all molecules, big or small, have 
exactly the same average kinetic energy of translation at the same 
temperature. 


It should be noted that a molecule may have other types of kinetic 
energy besides translational kinetic energy ; for example, the mole- 
cule may also rotate or its component atoms may vibrate, and so 
may have rotational or vibrational kinetic energy, but only the transla- 
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tional kinetic energy is a measure of its temperature, and indeed is 
proportional to absolute temperature. 

(c) Deduction of Avogadre’s Law—Suppose we have any two 
gases at the same temperature, volume and pressure. For the first 
gas, let the mass of each molecule and the total number of molecules 
be m, and n; respectively, and for the second gas let the correspond- 
ing values be m and np. Since the two gases are at the same tem- 
perature, the mean kinetic energy for each particle is the same, t.e. 

Amyoy2=Amgcy” or mycy?=M2C2"*. 

Now from eqn. 2.10, PV=§mynyoy?=gmanaty”. 

Dividing one equation by the other, we get m=no, i.e. the number 
of molecules in equal volumes of all gases under the same conditions of tem- 
perature and pressure are equal, which is Avogadro’s hypothesis. Note 
that Avogadro’s law like the perfect gas equation is an approximate 
equation which becomes exact only under the limiting condition of 
zero pressure. 

(d) Deduction of Graham’s Law—The rate of diffusion of 
a gas through a porous vessel is evidently proportional to the speed of 
the molecules. 

Rate of diffusion oc Mean speed, @. oc r.m.s. speed, ¢ 


But from eqn. 2.10), e=y/3PV=4/ = where d=density 
mn 


7 mn mass _ ? 
[Since BE Solum = ooosity]. 
Rate of diffusion Cai which is Graham’s law of diffusion. 


(For a more detailed discussion of Graham’s law see P. 16). 

(ce) Mean Speed of a Gas Molecule—Since, in the equation 
PV=!mnc? all quantities are known except the speed, c, it can be 
easily calculated. Let us calculate the speed of an oxygen molecule 
at N.T.P. (R=8.313 x 10” ergs per degree). From the above equation 
we have, : 

3PV 3E; 3RT 

e= yg 3 OD = aus v RE (see footnote)* Sa, PAY? 

=y Komy xka =46,000 cm. per sec. 


=(about } kilometer per sec.) 


So, a molecule of oxygen moves with a speed greater than a quarter 
ofa mile per second, i.e. about 1000 miles per hour. In other words, 
the speed of a gas molecule under ordinary conditions is of the order 


* Thi ‘isthe rms. speed (P. 11). 1 
Jess ase BR is given by the same expression where the factor, 3 has been 


The average speed, ¢ is slightly 
xeplaced by 8/7 (vide P. 16). Note that eqn. 9.17 can also be written as = y (3P/d). 
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of the velocity of oul or of that of very fast jet-planes. It should 
be specially noted that the speed of a gas molecule is independent 
of pressure but depends on temperature as also molecular weight. 
Such high speeds of gas molecules explain why a gas occupies the 
whole available space in any container even against gravity, as it is 
clear that such a huge number of molecules with such enormous speed 
moving in a chaotic manner t.e. in all possible directions, would uni- 
formly and completely fill all the available space of the container. 


It is quite a streak of good fortune, perhaps a part of the grand 
design of the Great Creator, that oxygen molecules have velocities of 
this order. Had the velocity been somewhat higher, say, by a factor 
of twenty or so, all oxygen molecules would have escaped into space 

; against the gravitational pull of the earth. 
ceposit as For the same reason, the moon’s gravita- 
tional pull being about one-sixth of that of 
the earth, it is too weak to keep oxygen gas 
molecules to it; hence, the moon is a barren 
land incapable of supporting life as we 
understand it. In fact water vapour in 
the earth’s upper atmosphere gets cons- 
tantly decomposed by the ultraviolet radia- 
tion of the sun to hydrogen and oxygen. 
Almost all the hydrogen molecules due to 
their much higher speed ‘escapes from the 
earth’s gravitational field whereas most 
Fig. 5—Experimental demons- Of the oxygen remains in our atmosphere. 
tration of linear path It would appear from this enormous 
of gas molecules speed of a gas molecule that any gas say, a 
good scent, will make itself felt almost in- 

stantaneously at the other end of a room, which is never the case. 
The explanation is to be found in the fact that a molecule experiences 
an enormous number of collisions in its passage from one point to an- 
other at all possible angles and so, the actual path traced out by a 
molecule is extremely zigzag and many times greater than its net 

displacement. 


A very simple experiment can demonstrate the above points as 
also that molecules move in straight lines. The diagram (Fig. 5) 
is self-explanatory. That the iodine is almost at once deposited only 
on the .opposite side in the evacuated system demonstrates the fast 
linear motion of gas molecules, whereas in the other case chaotic colli- 
sions with the molecules of air would lead the iodine molecules astray 
from the straight path as discussed in the previous para and get them 
slowly deposited all over the surface. 


(f) Mean Free Path—The average distance travelled by a gas 
molecule between two consecutive collisions is called its mean free path. 
In order to have an idea of the numerical order of the quantities 
involved, it may be noted that a CO, molecule is about 4% in dia- 
meter and has a mean free path of about 4004 ; and a N, molecule 


having a“diameter of about 3A has a mean free path of about 600A 


` 


EVACUATED SYSTEM 


—— r 
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under ordinary conditions. It is thus seen that a gas molecule moves. 
more than one hundred times its diameter on the average in bet- 
ween two consecutive collisions under ordinary conditions of pressure 
and temperature. The mean free path increases with lowering of 
pressure, so much so, that in the intergalactic space a lonely hydrogen. 
molecule should travel through millions of miles before it can come 
across another hydrogen molecule, the pressure being as low as about 
10-4 mm. 

Molecular Kinetic Picture of a Gas—We can have a fairly 
clear mental picture of an ordinary gas say, oxygen or carbon dioxide 
at N.T.P.. The diameter of the molecules is about 4A and the average 
distance of any molecule from its nearest neighbour is about 40A. 
The molecules are moving with an average speed of about half a kilo- 
meter per second and they hit one another after moving an average 
distance (mean free path ) of about 400A; so a molecule passes by 
many molecules before it undergoes collision with one of them. The 
number of collisions undergone by a molecule per second, which is simply 
its speed divided by its mean free path, is thus seen to be a few billions” 
(8x 10°) per second. 

(g) Distribution of Molecular Velocities—As already pointed 
out all the molecules in a gas do 
not move with the same velocity 
but all velocities from very low to 
very high values are present in a 
gas at any instant. The reason for 
this is that granting all molecules 
to have equal speeds to start with, 
collisions between molecules take 
place at all possible angles leading 
to an unequal distribution of velo- 
cities. Maxwell first carried out 
rigorous mathematical analysis of 


Fraction of Molecules x 10° 
having Velocities between 
cand c+de. 


Velocities of oxygen molecules, c, 


the problem and deduced quan- Pca AON 
titative values for such distribu- Fig. 6—Distribution of velocities 
tion. The results are shown in oxygen. 


graphically in the accompanying figure (Fig. 6) for oxygen at 0° 
and 100°C. For any velocity, c the ordinate at c represents the frac- 
tion of the total number of molecules having velocities between ¢ 
and c-+dce, where de is an infinitesimal increment of c. It will be 
noted that very few molecules have very low or very high velocities, 
and at any temperature there is a most probable velocity, Cmav 
(the maximum in each curve) and most of the molecules tend to have 
velocities near to this peak value. Further, the lower the temperature, 
the steeper is the distribution curve and also lower is the most probable velocity. 
Suppose we want to know the fraction of the molecules which 
has speeds between say, 50,000 and 60,000 cm. per sec. This is 
simply obtained by drawing two ordinates at the above two given 
speeds ; the ratio of the area between these two ordinates under the 
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‘curve to the total area under the curve gives the required fraction. 
Let us say that the value of this fraction is one-third. This means 
that at any instant one-third of the total number of molecules have 
speeds within the range 50,000 to 60,000 cm. per sec. and all other 
molecules have either higher or lower speeds. Suppose at any instant 
we could take the above group of molecules which is one-third of the 
total number and in order to distinguish them from the rest, call 
them ‘red’. At the next instant or at any later time, these ‘red’ 
molecules will not necessarily be within the above velocity limit of 
50,000 to 60,000 cm. per sec. but will have all possible values. How- 
ever still the total fraction of the molecules within the above speed 
limits will be one-third of the total number because as many ‘red’ 
molecules would have come out of the above range as would have 
entered it. In other words, the “complexion” of the system viewed 
‘as a whole remains constant though each molecule individually takes 
all possible speeds over a sufficient long interval of time. 


Three Types of Molecular Velocity—It is to be noted that 

- we have come across three different expressions for molecular velo- 

cities in the kinetic theory description of a gas. They are closely 
related and are as follows :— 


(1) Root mean-square speed, c=+/(3P/d), om 2al8 
(2) Average (i.e. Mean) speed, = y (8/7) (P/d), jo PEI) 
cand (3) Most probable speed, Cmaz-=/ (2P/d). Ta 12.20 


Note that c> ê > cmaz. (c.f. P. 11, P. 13 and P. 15). 

(4) Diffusion and Effusion of Gases—Graham (1833) studied 
the rate of diffusion of gases through porous membranes such as un- 
glazed porcelain, compressed graphite, etc. and arrived at the follow- 
ing law for the rate of diffusion of different gases :—The rate of diffu- 
sion of any gas is inversely proportional to the Square root of its density (Grahams 
law of diffusion). 


i.e. Rate of diffusion oc 1 


~/density 
The above law of Graham is extremely useful in comparing the 
molecular weights of two gases, as molecular weight can be easily 


shown either from Avogadro’s law or from perfect gas equation (2.8) 
to be proportional to density (P. 6 & 7 Eqn. 2.9). 


"Therefore, Rate of diffusion ofa gas, B _ Mol. wt. of A 
Rate of diffusion of a gas, A + Mol. wt of B 


Evidently, hydrogen being the lightest of all gases, should be the 
most diffusible of all gases. This property that gases of different mole- 
cular weights diffuse out at different rates can be employed for the 
separation of the constituents of a gaseous mixture and s 
of separation or concentration of the constituents of a 
ture based on the diffusive properties of gases is called 
P. 410 for uranium isotopes being separated by diffusion) 


uch a process 
gaseous mix- 
atmolysis (vide 


N 
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Experimental determination“of the rate of diffusion being rather 
difficult, it is customary to compare the rates of effusion of two gases 
through a small aperture’ under the same average pressure. The 
difference between diffusion and effusion is that in the latter case, 
the gas is forced out through a small opening of the pinhole type by 
some external pressure, while in the case of diffusion, the gas auto- 
matically comes out of a porous partition due to the chaotic move- 
ment of its molecules. But the two processes are essentially the same 
and are governed by the same law of Graham. Effusion experiments 
are particularly suitable for molecular weight determination because 
effusion is equally applicable to a mixture or to a pure compound. 


If the time required to effuse out for equal volumes of two gases 
are ta and t, respectively under the same external pressure and tem- 
perature, then since the time of effusion is inversely proportional to the 
rate, we have ‘ 


ta_ Rate of effusion of B _ yf wt. of A PAREISH 
t, Rate of effusion of A Mol. wt. of B 


The proof of Graham’s law on the basis of kinetic theory has 
already been given (P. 13). The method of calculation of molecular 
weight by diffusion experiments is illustrated by the following simple 


example. 


Example 2. It is observed that 100 c. c. of pure ozone effuse through a pinhole in a thin 


plate in 1 min while under the same conditions 100 c.c. chlorine gas escapes in 72 secs. The 


vapour density of chlorine is 35.5. Find the molecular formula of ozone. [O=16, Cl=35.5] 


Rate of effusion for chlorine _ V Density of ozone 


Rate of effusion for ozone / Density of chlorine 
r ———————— 
/Mol. wt. of ozorie 60 _ V Mol. wt. ot ozone 


ee o OIO; or, no =a 
= J Mol. wt. of chlorine ° °° 72 4/(2X35.5) 
or, approx. mol. wt. of ozone=49.3. 


e is a condensed form of oxygen, its molecular weight must be an exact 


ince ozon 
3 re the exact molecular weight of ozone=48.0. Hence, 


i 16. Therefo 
Sete formulua for ozone is Oz. 

Avogadro Number (N)—The number of molecules present in one 
gram molecule of any substance is the same, and this number is called 
Avogadro Number. This is a very important constant and has been 
determined recently by various different methods. dine most reliable 
value so far obtained for this number is ga x 108. The suomi 
should do well to memorize this value of N. It is Saan ae 
absolute weight of an atom in grams is just 1/N times its atomic weig t 
and similarly, for the weight of a molecule., This ona per c.c. 
for a gas at N.T-P. is sometimes called Loschmidt number. 

i yi m any idea about it; 

TE tte a ea Wie e E cay atic 
ae Sof jae en, and magnify each molecule as a tennis ball and put them 
ae ge hi A fhe heap will grow as large as ten of our earth put together. The 
together ha ae dinary pressure is easily realised if 


f molecules in a gas at or res ed i 
S rek E aN eren at a pressure as low as ten millionth of mm of mercury 
e a 


it is rem! 


2 
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(10+ mm) one cubic centimeter contains more molecules than the total human popula- 
tion of our globe (more than 4 billion per c.c.). Even in the deep vacuum of inter- 
planctary space (10-14 mm of Hg) there are still a few hundred molecules rer c.c. 


SPECIFIC HEATS OF GASES 


Definitions of C, and C.—When a gas is heated the amount of 
heat required to raise its temperature through 1°C depends upon 
the external conditions and is different if the heating is conducted 
at a constant pressure from what would be required if the heating is 
conducted at a constant volume. So, there are two well-defined 
specific heats for gases (7) Specific heat at constant volume denoted 
by c», and (i) Specific heat at constant pressure denoted by cp. 


(a) Specific heat at constant volume (ce) is defined as the quantity 
of heat required to change the temperature of one gram of a gas 
through 1°C, if during the heating the volume of the gas is not allowed 
to change. 

(b) Specific heat at constant pressure (cp) is defined as the quantity 
of heat required to change the temperature of onc gram of a gas 
through 1°C, the pressure upon the gas being maintained constant 
throughout the heating (of course, the volume will change in this 
case). 

Chemists generally deal with moles and so molar heat capacity 
(also called molar heat) would enter more into our discussion. Molar 
heat is the specific heat multiplied iby the molecular weight and is 
denoted by Cy =M.c, and Cp=M.cp. Some typical values are shown 
in the table to follow. It is remarkable that though mercury vapour 
and helium differ so widely in their physical and chemical nature, 
they have practically the same heat capacity per gram atom. This 
is easily explained as shown below on the basis of kinetic theory. 

Specific Heat and Kinetic Theory—lIf a gas is heated, at, say, 
constant volume, the supplied heat goes (a) to increase the kinetic | 
energy of the gas molecules, and (b) to increase the intra-molecular > 
energy (i.e. energy inside the molecule, which may be vibrational, 
rotational, etc.). Therefore, F 

C, =Increase in total kinetic energy for 1°C+-Increase in intra- 

molecular energy. 

But according to the Kinetic theory of gases [Eqn. (2.13)].7 
1 mole of a gas, PV=3 Kinetic energy K 5 ak ib itas 


or, Kinetic energy=$PV=8RT 
‘ =R (for 1°C rise in temperature) 
Therefore, C,=$R-La, e212) 


where ‘a’ is the intra-molecular energy, expressed in thermal units. 
Since the value of R in thermal units is about 2 calories, C, of any | 
ideal gas should be about three or higher. 


If the heating is conducted at constant pressure, the gas during 
heating expands and therefore the heat supplied goes (a) to increase 
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the kinetic energy of the molecules ; (b) to supply the internal energy 
of the molecules and (c) to do external work. 
Therefore, Cp=Increase of molar kinetic energy per degree 
-++Intramolecular energy per degree +External work. 
If during the heating, the gas expands from a volume V, to a 
volume V, at a constant pressure P, then the external work done 
by the gas is the product of the pressure and the change of volume. 
This is shown diagrammatically in Fig. 7. 


Vv v 

T To ‘Pressure 
Pressure } + {aoe not 
changes j changes 


Fig. 7—Heating a gas at constant volume 
and at constant pressure respectively. 


.. External work „` 
per gram-molecule =P(V.—V;)=PV.—PV, 
=RT,—RT,=R(T.—T)) 
=R (if the temperature is increased 
through 1°C only). 
C,=§R+a+R 
Cy=§R+a <. 2.23 
where ‘a’ has the same significance as before. 

a) Difference between the two Molar Specific Heats—For 

+ any gas the difference between the two specific heats is therefore— 
C,—C,=($R +4)— (sR +a) . 
=R=? cals. [Since, R=2 cals. approx.]. wen oe 

The table to follow illustrates the truth of this relation. The 
significance of the observation that C,—C, is a constant, is that the 
work done in expansion against the atmosphere by a mole of a gas 
is independent of the gas doing the work. 

(b) Ratio of the two Specific Heats—The ratio of the two 
specific heats is usually denoted by y and is, therefore, given by the 
following equation (taking R=2 cals approx.). 

DCIS E 
YO, Rpa 3Fa 

The value of the above fraction [(5-+a)/(3-+a)] always lies be- 

tween 1 and 1.66 (=5/3), and therefore y, the ratio`of the two specific 


<166>1 Se 2.25 
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heats, is a fraction which always lies between 1 and 1.66. The follow- 
ing table of specific heats for different gases brings out the truth of 
the above statement. y is often called Poisson ratio. 


y for monatomic gas—If a gas is monatomic there can be no 
energy within the molecule due to the vibration of the component 
atoms and ordinarily there is no rotational contribution to the energy 
for such gas molecules, 7.e. for such a gas a=0 ; therefore, we have 

C,=§R ; C,=§R ; and so, y=C,/C,=§=1.66 wi 2826 
This relation has been used to decide the monatomic nature of the 
inert gases and vapours of some alkali metals and mercury as shown 
in the table. Note that ¿RT is energy per mole per degree of free- 
dom (eqn. 2.15). Since a monatomic molecule can neither rotate 
nor vibrate and since its velocity has three components only (i.e. it 
has only three degrees of freedom), its C,=3 x 4R. 


N.B.—It remains to be pointed out that in the relation, Go = C,=R, Cp and C, 
are molar heats whereas in 7=C,/C, the Cp and C, terms are cither molar heats or 
specific heats for they are expressed in terms of a ratio. 


Morar Heats or Gases 


Gas Cp Gg | C,/C,=y Mol. Complexity 
Helium 5.0 3.0 1.66 Monatomic 
Mercury vapour 5.0 3.0 1.66 Monatomic 
Hydrogen 6.88 4.88 1.41 Di-atomic 
Oxygen 6.96 496 1.40 Di-atomic 
Carbon dioxide 9.55. Ueli 1.30 Tri-atomic 
Water vapour 8.65 6.65 1.28 Tri-atomic 
Ether vapour 27.8 25.8 1.08 Fifteen atomic 


Experimental Determination of y (=C,/C,) of a Gas—The 
simplest and most widely used method is due to Kundt, which depends 
in principle on the determination of velocity of sound, v, in a gas of 
pressure, P and density, d, given by the expression, 


v= V yP/d See) 
and so knowing v, y can be calculated. 
Cc B A 


Fig. 8—Determination of y : Kundt’s tube. 


Kundt’s apparatus consists of a glass tube, B (Fig. 8), a metre 
or more in length which contains a small amount of a light powder, 
such as lycopodium or saw-dust. The tube is closed at both ends 
by rigid stoppers. Through one stopper C passes a glass or metal 
rod terminating at a flat end, while a longer similar rod passes 
through the other stopper, A. The latter rod is firmly fitted at its 
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centre by the stopper. The tube is filled with the gas and by striking 
the second rod with a cloth coated with rosin powder, a harsh sound 
is produced and the rod is set into vibration which in turn sets the 
gas inside also into vibration. The powder inside arranges into 
striated heaps as a standing wave is produced inside. The first rod 
is slightly pushed in or pulled out to get the best results. The distance 
between two neighbouring heaps is measured and is, of course equal 
to half the wavelength, A/2. 


The tube is now filled with air at the same pressure and the 
experiment repeated. Now we should have 


el wa i ce o 2.98 
ds Yalı 


and so'knowing y and d for air, y for the gas is easily obtained. 


EXAMPLES WORKED outT—In working out problems the equation PV=nRT 
=(g/M) RT is of paramount importance. It is to be carefully borne in mind that 
R should be expressed in the’same system of unit as P and V (i.e. in consistent system 
ofunit) and in this book R will be [expressed as 0.082 litre-atmosphere/degree. 


Exampie 3. What is the volume occupied by 5 gms of benzene vapour at 200°C and 750 
m.m. pressure? 0 


In consistent system of units, we have 


5 750 Using these values in the equation 
PO ORE PV=(g/M) RT, we have 


750 am k 
g=5 gms 760 * v= 78 * 0.082 x 473 
Ma Ge Ae „_ 50.082 x473 x 760 
R=0.082 litre-atmos/degree or, V= L oe ; 


= =473° abs. 
Semone ee =2.52 litres. 


Exampre 4. 34.23 c.c. of phosphine gas at 20°C and 70 cm. weigh 0.0447 gms. What 
is its molecular weight? 


70 70 _ 0.0447 3 
P=70 cm. =qgatm. 76 * 0.03423— ME x 0.082 x 293 
V=0,03423 litres s r 0.0447 x .082 x 293 x 76 
20047 am “Mol. wt. M= — 0x 0R 
R=0.082 litre-atmos/degree EEZ 


T=293° abs. ; f ian 
i i pi 7 tis 
x = 5. The vapour of a hydrocarbon is 2.47 times heavier than oxygen. a 
its ier weight? ate its exact molecular weight given that it contains 92.25 per cent 


carbon (C—12.00, H—1.0078). 


Rite Rl ae M à 
M= oa =d-5> For two gases, Ma i 


Therefore M, =Ma. d,/d2=32 X2.47=79.04. BS 
Now, wt. per cent C=92.25; wt. per cent H=7.75 
Relative atomic ratio of G=92.25/12=7.86 
adede atomic ratio of H=7.75/1.0078=7.69. 
the empirical formula is (GH)x : a rg 
i GH)x has mol. wt. approx. 79.04, x is evidently 6. Therefore, the formula 
for oe a a is C, Hs and exact molecular weight is 6 x (12.00 +1.0078) =78.047 
Exampe 6. A litre of air weighs 1.293 gms., at N.T.P. At what temperature will 
a litre of cir weigh 1 gm., the pressure being 72 cm.? Al i a a 
At N-T.P., P=1 atmos ; V=] litre ; g=1.293 ; T=273° abs. ete Wari X 
6.C.E R T., West tenga a quel 
at WA ERTZ O OF” a Sky \ à PX t 
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At the reqd. temp. T,, P}=72/76 atmos ; V,=1 litre ; g=1 gm. 
Now PV=(g/M) RT and P,V,=(g;/M)RT,. 
EV AgI Ta ee P,-Vı.-T _ 1.29372 x 1273 
PV ns o gev 1x76x1 
=334.4° Abs.=61.3°C. 


EXERCISES 
(a) Ideal Gas Equation 


1, What is the exact experimental implication of the statement, “all gases are 
ideal at sufficiently low pressure” ? 


2. Deduce the value of the molar gas constant, R, in any three systems of units. 
What will be its value if metre, kilogram and hour are taken as the fundamental 
units ? [1.077 x 108] 

3. Write short notes on:—Isotherm, isobar, isometric and dimension of R and 
RT. 

4. What form does Boyle’s law take if an ideal gas is placed in a gravitational 
field ? In what sense is the law true now ? 

[Pressure would change with varying gravity but at any point Boyle’s law would 
be true in the form Pressure œ Density]. 


5. Criticise and correct the statement, “All ideal gases expand equally for equal 
rise of temperature independent of their mass or chemical nature”. 


6. Is the following a correct alternatiye statement of Charles’ law: ‘The rate 
of expansion per degree at constant pressure for one mole of any ideal gas is the same 
independent of its chemical nature or its temperature ? Discuss critically showing 
its compatibility or otherwise with Charles’ law. 

Can you restate Charles’ law (both forms as given in the text) by using density 
in place of volume ? 


7. Through an absorption bulb containing acetone thirty liters of air are slowly 
bubbled at 30°C and atmospheric pressure, and the bulb is found to lose 25 grams 
ofacetone. Calculate the saturation pressure of acetone. 


[200.1 mm, if expansion of air by saturation with acctone is taken into account ; 
otherwise, 271.3 mm]. 


8. What is the volume of 2.5 gms. of cther at 40°C and 720 mm. pressure ? 
Calculate the absolute density and density referred to oxygen under the same 
conditions. [914.6 c.c.; 0.00273 gmsj/c.c.; 2.31] 

9. Calculate the density at N.T.P. of Na, CO}, sulphur hexafluoride and uranium 
hexafluoride (U—238, F—19). 

[px2=0.001246, px;=0.000089, pco.=0.001958, psr,=0.006514, 

pUuFe=0.015664 g./c.c.] 

10. Three litres of chlorine measured at 0°C and 760 mm. pressure weigh 9.621 

gms. Calculate the molecular weight of chlorine, [71.8] 


11. The density of a gas is 0.20 referred to mercury vapour (monatomic). What 
is the molecular weight ? [40] 


12. How many grams of hydrogen will be required to fill a 10 litre vessel at 
—30°C and 300 mm. pressure. _ [0.396 gm] 


13. 20 gms. of solid iodine, I,, are placed in a flask of 1 litre capacity and the 
flask is then filled with nitrogen at 20°C and 750 mm. and sealed. The flask is then 
heated to 100°C at which temperature all of the iodine is vaporised. What pressure 
will be developed ? The density of solid iodine is 4.55 gms. per c.c. I=127 and is 
a diatomic gas. [Pr, : 2.41 ; Pn, : 1.25 ; Total : 3.66 atmos.] j 

14. A bottle is heated with its mouth open from 15° to 100°C. What fraction 
of the air originally contained in the vessel is expelled ? [29.5%] 


THE IDEAL GAS AND ITS KINETIC-MOLECULAR THEORY 23 


15. Calculate the number of molecules per c.c. at 30°C in an extremely 
high vacuum produced by mercury diffusion pump, viz. 10-7 m.m. of mercury. 
[3.19 x 10°] 


16. Suppose the inhaled air has an aqucous tension of 5 mm. and the exhalted 
air is nearly saturated at body temperature 38°C, with water vapour. Calculate 
the weight of water lost by a person in the course of a day in this manner, assuming 
that the normal man breathes 10,000 litres per day. Sat. Press, of water at 38°C=49.7 
mm. [414.6 gms.] 
17. In an adsorption experiment, 5 gms. of charcoal (apparent volume is 8.3 
c.c.) being introduced in a closed space of volume 80 c.c. containing argon at 720 
mm. pressure at —50°C, the pressure fell to 49.7 mm. Calculate the amount of 
argon adsorbed per gm. of charcoal in the above experiment. [0.0311 gm.] 


(b) Kinetic Theory 


18. State the fundamental assumptions of the kinetic theory of gases. Show 
how the theory supports (a) Avogadro’s Law and (b) Graham’s Law of diffusion. 

19. On the basis of Kinetic theory, deduce (a) Boyle’s Law, (b) Charles’ Law. 

20. Write short notes on:—Avogadro number, mean free path, r.m.s. speed, 
atmolysis, and kinetic energy per molecule per degree of freedom. 

21. How does the rms speed of a gas molecule change with (i) pressure and (ii) 
temperature ? Calculate the root mean square speed of a molecule of (a) hydrogen 
at N.T.P. ; (b) at 0°C and 2 atmosphere pressure 5 and (c) GO, at 100°G. 

[184,500 cm./sec. ; 45,960 cm. /sec.] 

92. Calculate the average translational kinetic energy of a molecule of carbon 
dioxide at 15°C, Convert this value into calories per mole. What is its velocity ? 

[5.96x10-* erg ; 854.3 calories; 403.7 metres per sec.] 

23. Calculate the average kinetic energy of a nitrogen molecule at 50°C. How 

fast would an one-gram-weight have to move in order to have the same kinetic energy ? 
(6.69x10-* erg; 11.5 cm, per year] 

24. At what temperature is the r.m.s. speed of a hydrogen molecule 1.2 miles 
per second ? [299.1°K] 

25. A box is divided by a thin partition into two cqual compartments, and they 
are filled with an equal number of hydrogen and heavy hydrogen molecules respectively. 
If the pressure in the hydrogen compartment is one cm. of mercury what is the 
pressure in the other compartment ? 

What will be the pressure if the partition be removed ? [l cm ; 1 cm] 

96. A long rectangular box is filled with chlorine (at wt. :—35.45) which is 
known to contain only Cl, and ”Cl,. Ifthe box could be divided by a partition 
and the two types of chlorine moleculcs put in the two compartments respectively, 
calculate where should the partition be if the pressure on both sides are to be equal. 
Is this pressure the same as the original pressure ? How are the density and the 
number of molecules per c.c. in the two compartments related to the respective original 
wale i lati (3 37na) | ( 4 

int :—Final mina from the average relation, (35n, +37na myn) =35.45 5 
ge thes ny na ‘where n and na arc the number (iie. number of moles) of the 
two types of molecules.] 

[3.4421 5 yes 5 d:d =M, :M:=35 237 (eqn. 2.9) ; m per cc=na per cc=n (c riginal) 
per cc.) 

27. Supposing one molecule in a gas is somehow visible. What will be observed 
with regard to its path of flight and velocity with passage of time ? 

28. State Graham’s law of diffusion, and show how it can be deduced from the 
kinetic theory of gases. a 

Ladenburg found that a sample of ozonised oxygen containing 86.16% of ozone 

weight required 430 seconds to diffuse under conditions where pure oxygen required 
367.5 seconds. Determine the vapour density of ozone . 22.9 
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29. A 4:1 mixture by volume of helium and argon is allowed to diffuse through 
capillary tubes into an evacuated space. What is the composition of gas which first 
passes through ? [He: A: : 12.64 :1] 

30. In the preceding question, what effect would a variation in temperature 
or pressure have on the composition of the gas emerging into the vacuated space ? 

31. The four tyres of a motor car are respectively filled with helium, hydrogen, 
air and nitrogen.' In what order will these tyres require to be reinflated ? 


32. 75 c.c. of a gas were collected over mercury in a tube closed at the top by 
a plaster of Paris plug (porous). On standing in air for some time, and when the 
mercury level became constant again, the volume was found to be 123 c.c. What is 
the molecular weight of the gas ? (1 litre of air weighs 1.293 gms. at N.T.P.). [78] 

33. What is the ratio of the rates of diffusion of vapours of H,O and heavy water, 
D;,O ? Ifa sample of vapour contains equal number of molecules of water (H,O) 
and heavy water, what will be the relative proportion in the first fraction which 
would diffuse out ? [1.05:1] 

34. How would you proceed to ascertain whether a given gas is monatomic 
or diatomic ? Discuss the principle underlying the method used. How has the 
monatomic nature of Argon been established ? 

35. What do you understand by specific heat at constant volume and at constant 
pressure for a gas ? How would you prove that the ratio of the two specific heats 
for 2 monatomic gas is equal to 1.66 and that for other gases it is less than 1.66 but 
greater than 1 ? 

The specific heat for a gas at constant volume is 0.075 and that at constant pressure 
is 0.125. Calculate the molecular weight of the gas. [40] 

36. Can you suggest a kinetic theory interpretation of the common saying that . 
wet cold weather is much more penetrating than dry cold weather ? 

37. A stoppered one-litre bottle contains 50 c.c. liquid cther (B.P. 35°C) at 
35°C. Find the weight of ether vapur present in the bottle. (2.78 gms] 

38. Commen: on the truth or otherwise of the following statement: The 
universal gas constant, R has the same value for all gases whereas the specific gas 

* constant (i.e. per gram basis) is different for different gases. 

Calculate the specific gas constant for hydrogen and nitrogen. 

[4.15107 ; 0.26 107 ergs deg gm] 

39. Prove that R equals the work done by 1 mole of an ideal gas in expanding 
against a constant pressure as a result of 1°C rise in temperature. 

40. Calculate R in (i) volt-coloumb deg-, (ii) kg.-metre-deg-1, (iii) horsepower 
—hour deg-, and (iv) KWH deg-. 

(8.31; 0.8478; 3.14 10-6; 2,31 X 1374} 

41. Prove that rms speed c=/3pjd ; why does not temperature occur in this 
equation though speed of a gas molecule dépends on temperature. 

42. A faulty barometer (traces of residual gas) shows a pressure of 755 mm Hg 
when the true pressure is 765°; the space above mercyry is 25mm long. Calculate 
the true atmospheric pressure when the barometer reads 745 mm. [752.14 mm] 

43. Can any meaning be given to the expression, “Temperature of a single mole- 
cule in space” ? Does the term pressure of this molecule make any sense ? 


CHAPTER III 


REAL GASES \\* A d 
ASON 

Deviation from Ideal Behaviour—It has bet rea 

out (P. 6) that actual gases follow the ideal gas eQnati rA 

degree of approximation under ordinary conditions. B high 

pressure or at sufficiently low temperature, the ideal gas equation is 

not even approximately followed, and wide departure from this 

‘norm’ is observed. We owe to the careful experiments of Regnault, 

Andrews (1869), Amagat (1880) and others, the knowledge about the 

behaviour of real gases under a wide range of variation of tempera- 
ture and pressure, which will be discussed below. A 


CARBON DIOXIDE 2°; 
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o 120 240 o 


P IN METERS OF Hg PRESSURE (ATM.) 


Figs. 9 & 10.—Amagat’s curves for some common gases (PV in 
arbitrary units). 


Amagat’s Curves—In order that the departure of any actual gas 
from ideal behaviour be known immediately from the graph, Amagat 
plotted PV against P at a constant temperature. These curves are 
known as Amagat’s curves. If the gas be ideal, the Amagat’s curve 
would be a straight line parallel to the pressure axis with a constant 
ordinate equal to RT. A less compressible gas will be above this 
line and a more compressible gas will be below this line. 

Some typical Amagat’s curves are shown in Figs. 9 and 10. In 
general, PV gradually decreases, attains a minimum (this minimum 
is called Boyle point; vide P. 30 for a correct definition of Boyle 
temperature) and then continually increases with pressure. For 
hydrogen this initial dip is hardly noticeable, and for all gases this 
region of higher cpmpressibility tends to vanish with increase of 
temperature. This is clearly seen from the Amagat’s curves for 
carbon dioxide and the compressibility curve for nitrogen (Fig. 11). 
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The above behaviour can be summarized by saying: 


(i) AN gases are less compressible than the ideal gas at suffi- 
ciently high pressure. ; 
(ii) All gases tend to have a zone of higher compressibility than 
ideal gas at sufficiently low temperature. 
Compressibility Factor Curves—The classical Amagat’s curves 
are hardly used at present and this departure of actual gases from 
ideal behaviour is very often expressed by compressibility factor, 
symbolised by z (or «) and defined by the equation, 


PV=aznRT, or z=PV/nRT 


Pressure, atoms 


o 200 400 600 80 (oor 
Fig. 11—Compressibility factor Fig. 12—Compressibility factor 
curves for Na curves for ethylene 


For a perfect gas, PV=nRT, and hence z has a value of unity 
and for any actual gas the departure of z from unity shows the 
extent of its deviation from ideal behaviour. It would be noted 
from the above equation that at any temperature the compressibility 
factor z is the ratio of the actual volume of the gas to the ideal volume. 
Hence, a value of z greater than unity means that it is less compressible, 


and a value less than unity means that it is more compressible than 
that demanded by the perfect gas equation. 


The variation of compressibility factor over a wide range of 
pressure is shown for nitrogen and ethylene in Figs. 11 and 12 respec- 
tively. These two diagrams clearly show the trend of deviation 
caused by temperature and pressure changes as discussed in the pre- 
vious section. It is noteworthy that in the one thousand atmosphere 
range the ideal gas equation is often more than one hundred per cent 
in error. Of course, at sufficiently low pressure all the curves attain 
the perfect gas value of unity for z i.e. PV per mole equals RT. 


- It is customary to plot z against the reduced pressure P/P, at a 
given reduced temperature T/T., the subscript c standing for critical 
values. Since all gases show approximately the same behaviour when 
expressed in this way, a single graph serves to represent the behaviour 


REAL GASES 27 


of all gases at any given T/T,. Such compressibility factor graphs 
generally have more or less the appearance of Amagat’s curves. In 
technical calculations such generalized compressibility diagrams are 
most extensively used and they have displaced to the background all 
other equations of state for real gases. 


Van der Waals Equation—Attempts were naturally made to 
offer an explanation based on the molecular kinetic theory as to why 
the real gases fail to conform to the ideal gas equation. Of these 
attempts the simplest and the most successful is that due to the Dutch 
chemist, van der Waals (1873). According to van der Waals, the 
reasons for the failure of the ideal gas equation PV=RT over an 
extensive range of temperature and pressure, are two-fold as discussed 
below. 

(i) Volume Correction—Firstly, in our kinetic deduction we have 
assumed that the volume accessible to a molecule for free movement, 
is the total volume of the containing vessel. But the molecules them- 
„selves are incompressible and have a volume of their own, which may 
not be a negligible fraction of the total volume of the gas at high 
pressures. Hence, the whole volume V which a gas happens to 
occupy is not available for free movement of the molecules composing 
the gas. In other words, the free space inside the vessel is not V 
but is less than V, say, (V—b) where b is a correction term represent- 
ing the excluded volume and this (V—4) varies with pressure according 
to Boyle’s law. [vide p. 29 for significance of b]. 

(ii) Pressure Correction—Secondly, in our kinetic deduction we 
have neglected the intermolecular attraction. But, in real gases there 
exists an attraction operating between two molecules as is proved by 
the existence of Joule-Thomson effect (vide Ch. VIII). This attrac- 
tion depends, besides other factors, on the distance between them 
and their masses. For a molecule at the centre this force is nil being 
‘balanced by attractions from all sides but as the boundary is ap- 
proached these forces increase and they act towards the centre from 
all sides. The net effect is that the real pressure acting on the gas is 
not only the external pressure P, but also this additional pressure, 
P, acting in the same direction as the external pressure i.e. the true 
total pressure is P+P,. 

This extra pressure, Pa which we may call internal pressure may 
be evaluated as follows. A single molecule about to strike the wall 
of the vessel will be attracted by the rest of the gas and this force 
of attraction would evidently be proportional to the density of the 
gas. But the number of molecules striking the wall in any given 
interval would also be proportional to the density of the gas. So, the 
total internal attractive force for a given gas will be proportional to 
the square of the density of the gas, ie. inversely proportional to 
the square of the volume. Hence, Pa is equal to a/V* (a=const.). 
Therefore, van der Waals puts the net effect, as if the gas is acted 


upon by an increased pressure Pia instead of P. 
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So the gas equation becomes for one mole of a gas, 
a 
(e r) (V—b)=RT 


which is the well-known equation of state for real gases given by 
van der Waals in the year 1873. This pioneering attempt by van 
der Waals to interpret real gases was so timely and illuminating that 
Boltzmann hailed van der Waals as the Newton of real gases. 


The two corrections introduced by van der Waals act in opposite 
directions, the volume correction ‘b’ increasing the value of PV and 
the attraction correction a[V? decreasing the value of PV from what 
is to be expected from the ideal gas laws. At low pressure the attrac- 
tion correction more than balances the volume correction, but at high 
pressure the volume correction predominates. So, ifa gas initially at 
low pressure be subjected to a gradual increase of pressure, the pro- 
duct PV will gradually decrease, reach a minimum (Boyle point, 
P. 25) and then continually increase with Pressure. For many 
gases this variation is quite considerable, an idea of which can 
be obtained from the Amagat’s curves (vide Fig. 10) as also 
from the following Table complied from the data of Amagat 


ETHYLENE Ar 20°C 


PV (arbitrary units) 
Pressure 3 
(atmos.) Observed by Calculated from 
Amagat van der Waals 
equation 

1.0 1000 1000 

31.6 914 805 

45.8 721 782 

72.9 416 397 

84.2 399 392 

110.5 454 456 

176.0 643 642 

233.6 807 805 

282.2 941 940 

329.1 1067 1076 

Pe 1246, 1254 


a C F Sera 
for ethylene at 20°C. This table also demonstrates that though 


the value of PV varies over a wide range in utter disagreement 
with the perfect gas equation, the agreement with the van der 
Waals equation is quite striking. The agreement however is much 
less for easily condensable gases like carbon dioxide particularly at 
very high pressure as is shown by the following figures for carbon 


P (atmospheres) :— 1 10 100 500 1000 
PV (observed) :— 25.6 24.5 6.93 22.0 40.0 
PV (calculated) :— 25.6 24.7 8.89 29.7 54.2 


dioxide at 40°C. Tt is remarkable however that van der Waals 
equation is not only applicable to gases but is equally applicable to 
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gas-liquid, transition and to liquids ze. over the whole range of 
behaviour of fluids (vide Ch. V.) 7 


The values of the constants a and b for some gases are given in 
the following table (note the units of a and b). It should be noted 
that easily condensable gases like carbon tetrachloride and ethyl ether 
have comparatively higher values for a, which indicate strong inter- 
molecular attraction. Also, b is a measure of the size of the molecules 
and is sometimes called co-volume of the corresponding gas; b is 
roughly four times the volume of the molecules considered as simple 
spheres. 

VAN DER WAALS CONSTANTS 


Gas s a, Atmos X (litre per mole)? | b, cc./mole 
Hydrogen 0.10 23.0 
Oxygen 1.36 31.6 
Nitrogen 1.35 38.6 
Ammonia 4.17 37.1 
Ethylene } 447, 57.1 
Chlorine 5.35 46.1 
Water Y 5.46 30.5 
Garbon tetrachloride 20.86 7 195.3 
Ethy] ether 17.38 134.4 


For applications of van der Waals equation to the phenomenon 
of condensation, vide Chapter V. 


Other Equations of State—Many other equations of state, both 
ssemi-theoretical and empirical have been proposed from time to time 
to express the behaviour of actual gases with better accuracy. The 
‘theoretical foundation of none of them seems to be any better than 
that of van der Waals and hence van der Waals equation is still 
regarded the best for any theoretical investigation. However, for 
‘some type of problems van der Waals equation is inconvenient and 
‘other equations are used. Some of these equations which have 
attracted some attention are given below. 


(a) Berthelot Equation— 


A 
(2 ae) (V —B)=RT 


ie., an equation of yan der Waals type where the constant a is 
replaced by A/T. This equation of Berthelot, by an algebraic mani- 
pulation similar to that used for obtaining the equation of corres- 
ponding states (vide P. 49), can be easily transformed to its more 


familiar form, 
9PT, 6T. 
=nRT 1 +——_+ 1 — —— 
PV=2R [ mere Te )| 
-where the subscript ¢ indicates the corresponding critical constants. 


4 
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(b) Dieterici Equation (1889)—This equation in essence is 
similar to that of van der Waals except that the pressure correction 
is done by introducing an exponential factor as shown below. 


A 
P(V — b) RTV_RT 


(c) Beattie-Bridgman Equation (1927)— 


RE, #B yP ôP2 

V= P tert (RT HRTF 
where V is the volume occupied by one mole of gas at temperature T 
and pressure P, and £, y and ô are constants which are related among 
one another by five different constants and temperature. This semi- 
theoretical equation containing five constants give very accurate 
results over a wide range of temperature and pressure, even near the 
critical point. 

(d) Virial Equation (1901)—Any variable quantity, y can be 
always expressed, irrespective of any theory, with more and more 
accuracy by an algebraic expression (polynomial) of the type, 
g=A+Bx+Cx?+D+.... by including more and more terms in 
higher powers of x. Such an approach has been used `by various 
investigators to express PV cither as a function of 1/V, oras a func- 
tion of P as shown by the following equation. 


B(T) , G(T) , D(T) 
a dO DOP 


PY Riles 


where B, C, D, etc., are constants depending on T (but not on V), 
and are respectively called the second, third, fourth, etc., virial co- 
efficients of the gas. This equation is sometimes called Kammerlingh 
Onnes equation. Since the contributions from the square, cube, and 
other higher power terms are necessarily smaller than the first two 
terms, the equation reduces to PV=constant, at the temperature for 
which B=0. This temperature for any gas is:called the BOYLE 
TEMPERATURE, because Boyle’s law is applicable to the gas 
at this temperature over a fairly wide range of pressure. 


Exampte 1. Calculate the pressure necessary to compress a mole of oxygen at N.T.P. 


to one tenth its volume at constant temperature using (i) perfect gas equation and (ii) van der 
Waals equation. 


T=273°K, V=2.24 litres, a & b given 
RT _0.082x273 


(0) Ln oe atm. 
5 1.36) (2.24 — 0.0316)=0.0 
(ii) CERTEZE (2.24 — 0. )=0.082 x 273 
0.082 x273 a 
or P= DI 0.27=9.8 atmos. 


3 Exampte 2. Using the a and b values given in the table in the text, calculate a 


to van der Waals equation the volume occupied by (a) 1 mole of ethylene and (b) 1 gm Br shad 
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at 10 atmospheres at O°C and compare the values with those obtained from the ideal gas equation. 


P=10 aim 6=0.0571 - 
a=4.47 R=0.082 litre-atm./degree 
V= 2? T=273°K 


(a) from van der Waals equation, we have 
(10+4.47/V*) (V—0.0571) =0.082 x 273 

or V—0.0571=22.4/(10+4.47/V2) 

Neglecting a/V*, V comes out to be 2.18 litres approximately. Now by the method. 
of successive approximation, we have V=2.09 litres whereas by PV=RT, V=2.24 
litres. ' 

(b) Sincc, under identical conditions, volume is proportional to the number of 
moles, we-have, in extension of (a) V=2090 (1/28) =74.64 c.c. the ideal value being 
2240/28=80 c.c. The result may, however, be obtained directly from van der Waals 
equation for n moles of a gas (Q. 5 in the next exercise). 


EXERCISES 


1. Does a real gas, at a very high pressure occupy more volume or less than that 
by an ideal gas under identical conditions ? Does temperature have any effect on 
the above ? 

2. Point out the lines of reasoning in which van der Waals equation has been 
deduced. What are the units of a and b in the above equation ? 

3. Two van der Waals gases have the same 6 values but different a values. Which 
of these would ocupy greater volume under identical conditions ? 

4, Two van der Waals’ gases have the same value for a but differ in b. Which 
one would be more compressible ? 

5. Van der Waals equation is usually written for one mole of a gas. Write 
down the form it would take for n moles. 

[Hint: Convert the only extensive property in the equation, e.g., V into per 
mole basis i.e. for V substitute V/n]. 

6. Calculate the pressure developed in a „one litre vessel containing 10 
gms, ammonia at 0°C using (a) van der Waals equation and (b) the ideal gas equation. 

[12.02 ; 13.17  atmos.] 

7. Taking the diameter of an oxygen molecule to be 3.884, calculate the actual 
volume of a mole of oxygen and compare with the volume occupied by a mole of 
oxygen gas at N.T.P. [18.41 c.c.; 1: 1216] 

8. Distinguish between compressibility and compressibility factor of a gas. 

9. Clearly discuss the experimental significance of the statement that all real gases. 
approach ideal behaviour at sufficiently low pressure and sufficiently high temperature. 

10. In a closed space containing one mole of a van der Waals gas at constant 
temperature, the pressure is observed to be P. If another mole of the same gas is 
introduced in the above space, will the new pressure be 2P ? Discuss fully. 

11. What will happen to volume under same conditions as in the previous example 
except that the system is under constant pressure conditions, the volume being allowed 


2 
to change ? [Hint for 10 & 11: Utilise the equation obtained in Exercise 5]. 


12. Derive an expression for the coefficient of volume expansion of (i) a perfect 
gas and (ii) a van der Waals gas. y ’ N j 

13. Which one should have a higher specific heat, a gas obeying ideal gas equation 
or a gas following van der Waals equation ? Discuss qualitatively. 

14. Discuss qualitatively whether the pressure exerted by two moles of a gas 
obeying van der Waals equation enclosed in a vessel of constant volume is double 
the pressure if one mole of the same gas 1s enclosed instead. : 

[Hiħt: The above is not true ; however similar statement is true for volume 


at constant pressure.] 


CHAPTER IV 
MOLECULAR WEIGHTS OF GASES. DISSOCIATION 


Density and Molecular Weights of Gases—The density of 
gases varies over quite an extensive range. Thus, among substances 
which are gaseous at ordinary temperature, the lightest hydrogen has 
a density of only 0.09 gms per litre, whereas at the other end of the 
scale is sulphur hexafluoride which is nearly seventy times heavier. 
At a slightly elevated temperature we meet even heavier gases, for 
example, uranium hexafluoride, which is about 176 times heavier than 
hydrogen (a litre weighs over 15 gms!). 

The most important property of gas density, d is that it is very 
simply related to the molecular weight by the following equation 
which is easily obtained from the ideal gas equation ( eqn. 2.8). 


By TEN CERED 
PV=GRT +. MoS =a. seem Ce 


Hence, knowing the density of a gas under definite external condi- 
tions, its molecular weight is easily calculated. 


Experimental Methods of Determining Gas Density—Various 
methods for the determination of density are in use all of which aim 
at the same thing, that is, to know the weight of a certain volume of 
‘vapour under definite conditions of temperature and pressure. ‘The 
more common methods are—(a) Hofmann’s method, (b) Regnault’s 
method, (c) Dumas’ method and (d) Victor Meyer’s method. 


(a) Hofmann’s Method—The principle of the method is to 

an vaporise a known weight of a 
liquid in -the-  Torricellian 
vacuum of a barometer at a suit- 
able high temperature and to 
measure the volume and the 
pressure. 

The arrangement of appa- 
ratus is shown in Fig. 13. It con- 
sists of a graduated barometer 
tube nearly a metre in length 
filled with mercury and inverted 
. over a trough of mercury. The 
barometer tube is surrounded 
with a wider jacket through 
which the vapour of a liquid 
boiling in a flask A (Fig. 13) is 
passed to keep it at a tempera- 
ture at which the experimental 
liquid may freely evaporate. 
<A small bottle or a bulb drawn 
he X out into a fine capillary is filled 
Fig. 18.—Hofimann’s Apparatus. with a known weight of the 


HTORRICELLIAN £) 
UUM 
CS 


BAROMETER 
TUBE 
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liquid and is introduced in the vacuous space above the mercury. 
The liquid at once evaporates and depresses down the mercury 
column. When the condition has become steady, the temperature 
is noted on a thermometer inside the vapour jacket (not shown 
in the fig.) and the volume is noted on the graduated tube. The 
pressure of the vapour is obtained by subtracting the height of the 
mercury column in the tube from the barometric pressure at the 
time of the experiment. The volume occupied by a definite weight 
of the vapour at a known temperature and pressure being ascertained, 
the density of the vapour, and so the molecular weight, can be readily 
‘calculated. 

The method is capable of giving good results, but the experiment 
js rather troublesome and cumbrous. 

(b) Regnault’s Method—The method of directly weighing a 
large volume of a gas is beset with difficulties due to the smallness of 
the weight of the gas compared with that of the containing vessel and 
due to the buoyancy of the displaced air, and the latter should be 
accurately known. Regnault sirmounted the difficulties in the fol- 
lowing way. He counterpoised two thin metallic bulbs of equal 
capacity from the two arms of a balance, both the bulbs being 
evacuated; this eliminates the need to do the buoyancy correction, 
which for gases is rather high. One of the bulbs was then filled with 
the gas under a known pressure and counterpoised against the vacuous 
bulb at the other arm, by adding known weights. The temperature 
during the experiment is kept constant and uniform. The volume of 
the bulb is next known by determining the weight of water which 
would completely fill the bulb at a known temperature. Thus, the 
weight of a known volume of gas at a definite temperature and 
pressure being known, the density and molecular weight of the gas 
can be easily calculated. ; 

The method is very accurate and can be applied to permanent 
gases and substances which are gaseous at ordinary temperature over 
a wide range of pressure. Thus, it is suitable to be used for accu- 
rate molecular and atomic weight determination by the method of 
Jimiting density to be shortly described. i 

(c) Dumas’ Method—The apparatus consists of a glass bulb with 
a drawn-out neck. The bulb is weighed dry and is then filled with a 
few c.c. of the liquid. The bulb is heated in a constant temperature 
‘bath to a temperature at least 20°C above the boiling point of the 
liquid. A brisk stream of vapour issues out of the mouth, displacing 
all the air contained inside the bulb. When all the liquid gets vaporised 
and the bulb becomes filled with the vapour of the liquid, the small 
opening is sealed with a blowpipe flame and the bulb after cooling is 
weighed. Both the atmospheric pressure and the temperature of the 
bath are noted. The bulb is then completely filled with water after 
reaking the end of the tube and is weighed, from which the internal 
volume of the bulb is obtained. Thus the weight, volume, tempe- 
rature and pressure of the gas are known and so, its density and mole- 
cular weight can be calculated. Er .. i 

This method is applicable only to liquids which can be e asily 
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vaporised and is available in a relatively large quantity. By using 
porcelain or metal bulbs, the method can be extended to the deter- 
mination of the vapour density of such substances as zinc, cadmium, 
mercury, etc. 

(d) Victor Meyer’s Method—This method is widely used for 
the simplicity of the experimental procedure, but gives results of a 
lower order of accuracy. It differs from and 
is advantageous over all the foregoing methods. 
in that here the vapour produced from a 
known weight of liquid is allowed to dis- 
place an equal volume of air, which is col- 


and pressure. 
A common form of the apparatus is 
shown in Fig. 14. It consists of a glass 


bottom and having a side tube, which dips 
under water. This tube is called the vapo- 
rization tube. The open end of the vapori- 
zation tube is closed with a rubber cork and 
a little sand or asbestos is placed at the 
bottom of the bulb to prevent cracking 


| potest of when the sample bulb containing the liquid 

mare? Sok is introduced. The glass tube is surround- 

S Ps. ed by an outer jacket of glass or copper in 
SERGE which is boiled a liquid having a boiling 


point considerably (about 20°C) higher than 
the substance to be vaporised. In Fig. 14 
this outer jacket has been called steam 
commonly used in it for experiments with 


Fig. 14.—Victor Meyer’s 
Apparatus. 


jacket because water js 


low boiling liquids; however, other liquids of suitable boiling points: 


are also used. 


_ When the condition has become steady as indicated by the cessa- 
tion of escape of bubbles through the side-tube, a graduated tube, 


is now removed, and a sample bulb or a stoppered bottle (often called 
Hofmann’s bottle) filled with a small amount (0.1— 0.2 gm) of the 
liquid, is quickly introduced and the cork replaced. As soon as the 
bottle falls inside the vaporization tube, its stopper automatically 
opens out and rapid evaporation of the liquid takes place. The vapour 
thus produced expels an equal volume of air which comes out through 
the side tube and is collected in the graduated tube. The graduated’ 
tube containing the collected air is then partly immersed in the same: 
inverted manner into a tall jar full of water such that water levels in- 
side and outside are the same. The volume js now noted; this volume 
is equal to the volume of the vapour at room temperature at a pres- 
sure equal to that of the atmosphere diminished by the saturation 
tension of aqueous vapour. Thus, the volume of a 
vapour at a definite temperature and pressure being determined, the- 
vapour density and molecular weight can be easily calculated.” 


lected and measured at the room temperature: 


tube ending in an elongated bulb at the 


known weight of 
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Vapour Density—It easily follows from eqn. (4.1) that for two 
gases we should have 


d M ‘ , 
a, M, an oe =a 4.2 
If one of the gases is hydrogen this equation becomes 
Vapour Density = teas — Moas ~ ws Ad 
dhydrogen 2 


Hence, the density of a gas relative to hydrogen is half its molecular 
weight. Density of a gas relative to hydrogen is called vapour den- 
sity and hence, we propound the rule to be often used later that the 


vapour density of a gas is half its molecular weight. 


EXAMPLES. Victor Mryer’s MerHop—The molecular weight can 
be calculated by three apparently different methods, from either of 
the following three relations:—(1) The fundamental gas equation, 
PV=nRT=(g/M) XRT, or (2) Molar volume of any gas at N.T.P. 
is 22.4 litres, or (3) Molecular weight=2 X vapour density. The three 
methods of calculation are illustrated below, of which the student is 
recommended to use the first one whenever possible, as being the 


most direct and universally applicable. 


The student should particularly note that all the three methods of calculation 
are in principle one and the same. For, each of them requires a constant derived 
from some other source: In the first’method the value of R, in the second one, the 
constant 22.4 litres, and in the third method the absolute density of hydrogen are 
used and these constants can be shown to be simply related to each other. 


Exampie 1. In Victor Meyer’s Method, 0.1 gm. of a volatile liquid displaced 20 c.c. 
of air measured over water at 15°C and 765 m.m. pressure. Calculate the molecular weight of 
the liquid (vapour pressure of water ot 15°C=13 m.m.). À 


5 vé 
(a) First METHOD :—Pressure of the gas=(765—13) mm.= 7 atmos. 


Volume of the gas=20 c.c.=0.02 litre. 
Temperature=(273-+15)°abs. Mass of the gas=0.1 gm. 
R, the gas constant =0.082 litre-atmosphere per degree. 
Substituting these values in the ideal gas equation, 


52 g.99—0! x0.082x288; or M=119.3 
We get 760 x0.02=) ; 
(b) SECOND METHOD :— ih) Setter 
Volume at N.T.P.=18.76 c.c (cote from a7 F ) 


Now 18.76 c.c are occupied by 0.1 gm. 


Ol 599.4% 1000=119.4 gms. 


0. 
22.4 litres are occupied by 7876 
Since a gm.-mol of any gas occupies 22.4 litres, M=119.4 
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(c) THIRD METHOD :— 
Volume at N.T.P.=18.76 c.c. ; mass of the gas=0.1 gm. 
the density= —-! T cc 
e density= Ta.76 Sms: per ce 


density of gas _ 0.1 
density of hydrogen T8.76 X.JUUUS 
Molecular weight =2 x vapour density =2 x 59.2=118.4 


Vapour density= =59.2 


This method is useful for calculating vapour density. A modification of this 
‘method would be to calculate density and therefrom to calculate M by using 
equation 4.1 


Method of Limiting Density—(a) Molecular weight determina- 


tion. Though molecular weight is related to density by equation 4.1, 
the latter, as shown below in a recast form 


aRT f/d 
m= =() RT a AP T. 


is necessarily only approximate, because this equation is only another 
form of the ideal gas equation, which, we know, is only approximately 
obeyed by ordinary gases and vapours. We have however pointed out 
(P. 6) that all gases accurately obey the ideal gas equation at sufficient- 
ly low pressure and so the above equation would yield accurate values 
of M, provided the data for the above equation are obtained at 
vanishing pressures, i.e. at very low pressure. We should then have 


d 
M=(<) RT fi = w 45 
(=); 


where the subscript zero indicates pressures approaching zero. It is 
however, not experimentally feasible to carry out density measure- 
ments at very low pressures without an unduly large experimental 
error since the density becomes too small. The difficulty can be 
solved by having recourse to the method of graphical extrapolation to 
Zero pressure. 

This graphical extrapolation however, cannot be done by plotting 
density against pressure since the density of a gas vanishes at zero 
pressure. But the extrapolation may be easily accomplished by 
plotting the ratio of density to pressure (which has the physical signi- 
ficance of density per unit pressure) against pressure, and extrapolat- 
ing this curve to zero pressure to obtain the value of (d/P) at zero 


Data FOR LIMITING DENSITIES 


Methyl Fluoride fa 


Argon 
Pressure in i 


atmos. wt. per litre d|p wt. per litre | d|p 
1.0000 1.5454 1.5454 1.78364 | 1.78364 
0.6667 1.0241 1.5361 1.18874 1.78311 


0.3333 0.5091 1.5274 0.59419 


1.78257 


pressure i.e. the ratio (d/P), of equation 4.5 above. This limiting 
ratio may be called density per unit pressure at zero pressure. This 
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ratio does not become zero at zero pressure but tends to a limit. This 
may be easily grasped from the fact that when pressure decreases 
density also decreases, and in the limiting case of infinitesimally 
small pressure the density also becomes infinitesimally small but their- 
ratio maintains a finite limiting value. 

The method is illustrated from the above data for methyl 
fluoride. The values of d/p are plotted against pressure (Fig. 15) 
and the curve, which is almost a straight line, is extended (dotted 
portion in the fig.) to cut the axis -- 
of zero pressure (y-axis). The $ 
ordinate of this point of inter- 
section gives the value of limit- 
ing density i.e. the ratio of d/p 
at zero pressure when the 
behaviour of the gas becomes 
perfectly ideal. From the curve 
it is seen that the limiting 
value for d/p in this case is 
1.5177. The corresponding value 
for oxygen is determined from a 
similar set of data and has been 
found to be 1.4277. Now, we 


a 
S 
D 
° 


RATIO OF DENSITY OF PRESSURE, 


have from eqn. (4.2), 1.5177: Es Vy 2% roo 
1.4277=mol. wt. of GH,F: 32 PRESSURE IN ATMOSPHERES 
(mol. wt. of O»), from which, Fig: 15—Graphical: Extrapolation 
the molecular weight of methyl by the Limiting Density method. 


fluoride comes out*to be 34.012. 

Alternatively, we may use equation 4.5 directly. Knowing the 
limiting value of (d|p), as above we may easily find the value of M 
by substituting in the above equation, which becomes exact under 
such limiting conditions. 

j (b) Atomic weight delermination—This method can also be 
for accurate atomic weight determination. For, if it is an 
like nitrogen, argon, etc., it is simply necessary to- 
divide the molecular weight thus determined by the number of atoms 
per molecule. For example, for argon from the data in the fore- 
going table, the limiting value of d|p comes out to be 1.78204, 
corresponding to 39.235 as the molecular weight of argon. Since 
argon is monatomic this is also its atomic weight. Another procedure 
may be illustrated by calculating the atomic weight of fluorine. We 
have already found out that the molecular weight of methyl fluoride 
(CH,F) is 34.012. From the known atomic weights of carbon (12.00) 
and hydrogen (1.008), the atomic weight of fluorine comes out to be 
34.012—(12.00+3 x 1.008) =18.99, which compares very favourably 
with the value of 19.00 obtained by chemical methods. 


Abnormal Vapour Density—The experimental determination: 
of vapour density has revealed some interesting facts. It has been 
found jn some cases, for example, ammonium chloride, that the 
experimentally determined vapour density is much less than the 
theoretical value (ie, half the molecular weight, vide eqn. 4.3) 


applied 
elementary gas 
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Thus, Deville and Troost (1806) found that the vapour density of 
ammonium chloride at 350°C and 1040°C are 14.6 and 13.45 res- 
pectively, whereas the theoretical value should be 26.75. As our 
theoretical value is based on a relation, which is a simple corollary 
to the Avogadro hypothesis, either we have to limit the applicability 
of the Avogadro hypothesis, or we have to find out some explanation 
for such deviations. An adequate explanation for the above men- 
tioned anomaly has however been found in the discovery of gascous 
dissociation. Under the above experimental conditions, the mole- 
cules of ammonium chloride suffer reversible dissociation to form 
ammonia and hydrochloric acid according to the equation, 
NH,CI=NH,+HCI, and so what we are measuring is the density 
of an equimolecular mixture of ammonia and hydrochloric acid to- 
gether with some undissociated molecules of ammonium chloride. 
Since, due to dissociation the number of molecules increases, the 
volume of the system also increases and so, the density which is in- 
versely proportional to the volume, decreases. If there is complete 
dissociation, the total number of molecules becomes doubled and so 
the density is halved which is approximately the case in practice 
under the conditions mentioned. 

Experimental Proof of Gaseous Dissociation—Such a bold assumption as 
above is based on firm experimental support. Firstly, it was shown by Than (1864) 
that when equimolecular quantities of ammonia and hydrochloric acid are mixed 
together at 350°C there is scarcely any contraction, conclusively proving that ammonia 
and hydrochloric acid molecules are capable of existing together at that temperature 
without combination to form ammonium chloride. The other evidence rests on 


a direct demonstration that ammonium chloride vapour contains ammonia and 
hydrochloric acid. An ingeniovs device used by Than and*Pebal is shown in the 


diagram (Fig. 16). 
NITROGEN ET) 


POROUS PLUG kas 


\ 
C 
= 
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Fig. 16—Dissociation of Ammonium Chloride. 


Some NH,(Cl is enclosed in a tube by the side of a porous plug ma ressed 
solid NH,Cl. The tube is heated near the heap of solid NIGI Pepe En 
of an inert gas, say, nitrogen is passed on both sides of the porous plug. Now, ammo- 
nium chloride dissociates into ammonia and hydrochloric acid and the former being 
lighter diffuses more readily through the porous plug. So the gas which comes out 
from the other side is found to be alkaline due to an excess of ammonia while the gas 
which issues out from the side of the ammonium chloride is found to be acidic due 
to an excess of hydrochloric acid. This experimient proves beyond doubt that 
ammonium chloride vapour is dissociated into ammonia and hydrochloric acid. 
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Further Examples of Gaseous Dissociation—The idea of gase- 
ous dissociation which has been so successfully applied to explain 
the abnormal vapour density of ammonium chloride has also been 
extended to other systems which show a similar behaviour. Some 
typical cases are discussed below. 

(a) Phosphorus Pentachloride (PCl;)—Phosphorus penta- 
‘chloride which has a theoretical vapour density of 104.2 shows a 
vapour density varying with temperature and pressure ranging from 
nearly the theoretical value to half this value (see Table). This 
lowering of vapour density is explained by assuming the following 
process of dissociation :—PC],;=PCl,+ Cle. 


DissocraTIoN oF PCI, (PCI; = PCl,+Cle) ` 


Theoretical Density=7.2 (air=1) 
——— 


——_—_——————— 


Density Percentage 
(air=1) Dissociation 


> 4.99 44.3 
10s 4.85 48.5 
io 4.30 67.4 
A 4.00 80.0 
aa | 3.65 97.3 


A fraction of the gas dissociates under ordinary circumstances 
and this fraction gradually increases with temperature until the dis- 
sociation becomes almost. complete above 300°C. As dissociation 
proceeds, the colour of the gas gradually becomes more and more 
green due to the liberated chlorine. At every stage, until the dis- 
sociation is complete, the vapour contains molecules of chlorine, 
molecules of phosphorus trichloride and also undissociated molecules 


horus entachloride. nt 

of SF eaten Peroxide (N,O,)—This substance offers a very 
“of dissociation.’ pi a iby terapera ire, i aS ip aaoi 

; olid. which melts to a pale yellow liqui at 
colourless eae gradually gets darker as the temperature is 
10° i nd at 22°C, it boils giving off reddish brown vapour. On 
raised and | the temperature the colour of the vapour darkens until 
further ranne ssumes the maximum intensity of colour, becoming 
at 140 ck “The reverse change takes place on cooling. Measure- 
almost tis “ity of the gas shows that as the temperature rises, the 
ment of densi Lk and more forming NO, molecules according to 
gas dissociates mor O. = 2NO>. The above change of colour is due 


the ee nat R O molecules are colourless, while NO, molecules 
a desk brown and at any temperature the colour of the gas is 
are da 


i lative proportion of these two gases present in 
deere A Baia the Toociation is almost complete and the 
the saD to the NO» molecules only. The fall of vapour density 


colour is d 2 X 3 
avith rise of temperature 15 shown in the accompanying table. 


interesting case 
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NO, Dissoctation, N,O, = 2NO, 
(Theoretical Vapour density=46) 


Temp. (°C) Vapour density (H.=1) Degree of dissociation 
41.0 12.2 per cent 
36.22 27.0 » 
28.25 62.8 » 
24.3 89.5 s4 
23.02 almost 100.0 ,, 


On further raising the temperature the density further falls and 
the intensity of colour begins to diminish until at 600°C! the gas 
becomes colourless. These further changes are due to the dissociation 
of the NO, molecules into nitric oxide and oxygen according to the 
equation 2NO» = 2NO+O,, the dissociation being almost complete 
at 600°C. 

Some other examples of Gaseous dissociation are those of hydriodic acid and of 
calomel according to the equations (i) 2HI=H,+I, and (ii) Hg.Cl,=Hg+HgCl, 
respectively. The first dissociation is an example of gaseous dissociation which 
does not show any abnormal vapour density. The latter disociation is very interesting 
in the sense that since the dissociation is vsually nearly complete the observed vapour 
density will be half the theoretical value of Hg,Gl, and so, unless the dissociation was 
suspected to occur it would seem that the molecules of calomel exist wholly as HgCl 
in the vaporous state. But, by diffusion experiments it was established that the vapour 
contains free mercury atoms and the real interpretation (viz. Hg,Cl, =Hg+HgCl,) 
became then apparent. Such dissociation of heavier molecules into lighter ones is 
undergone not only by compounds but also by elements. Thus, the molecules of 
halogens (Ip=2I. vide p, 215), sulphur, and many other elements dissociate at 
sufficiently high temperature into atoms. 


Calculation of the Degree of Dissociation—Degree of dissocia- 
tion of a vapour is the fraction of the total number of molecules 
which has suffered dissociation either expressed as a fraction or 
expressed in per cent by weight. The degree of dissociation of a 


PCle 
= Pcls 


(1-et) Mote 


a MOLE 
@ MOLE 


OISSOCIATED VAPOUR UNDISSOCIATED VAPOUR 
Fig. 17—Dissociation of PCI; Vapour. 


substance can be calculated from the density of the vapour. Th 
method of calculation will be shown in a definite case, oe, PCI, 
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but this is valid for any substance, one molecule of which dissociates 
to give two molecules. The equation for the dissociation is- 
PCl; = PCI;+Cl,. 

Let 1 mole of the pentachloride be vaporised and let a fraction 
a of it dissociate into the trichloride and chlorine (Fig. 17). Evidently, 
by the dissociation of a mole of pentachloride we shall get a mole of | 
the trichloride and a mole of chlorine. Also, there would remain 
(1—a) mole of the undissociated pentachloride. Therefore, the total 
number of moles present in the system after dissociation is 
(l—a)+a+a=l1+a. So, due to dissociation the number of moles- 
increases from 1 to (1-+a) and therefore the volume occupied by the 
system increases in the same proportion (since at constant pressure: 
the volume V varies directly as the total number of moles, n). 

Therefore, if Vy be the volume, which the system would have 
occupied had there been no dissociation, and V be the actual volume 
of the vapour due to dissociation, we should have 


F _ lte- do (since density d is inversely 
Y, 1° d proportional to volume) 

Or, dy=d(1 +a) 4.6 
2 g= ao PE s pM? 


relical density assuming no dissociation, and d= 
both under the same pressure. 

So, knowing d, the actual density and do, the theoretical density 
(which is given by equation (4.1) in absolute units, or (4.3) in rela- 
tive units) the degree of dissociation a is easily calculated from the 
above equation. It is to be noted that dọ and d are to be expressed 
in the same system of units, either with reference to air or to hydrogen 


or in absolute units. ` , 
It should be pointed out that the above equation (4.7) is valid 
condition, and becomes meaningless 


only under constant pressure < c 
y ition because the density (mass/volume) 


under constant volume cond au : 
would not change under such a condition. However, since pressure 


i rtional to the number of moles at constant volume, we should 
Wee, bine 1-+-a=P/P, in place of eqn. 4.6 (vide Example 3, P. 42 
for another form of this equation). J 
If one molecule of the substance dissociates into molecules it 
can be shown by the same procedure that equation 4.7 becomes 
d,—d 
a= (w—1)d Ne 4.8 
ong we have been discussing cases of vapour 
han the theoretical value. But cases are on 
record where the vapour density is higher than what should be expect- 
ed from their molecular formula, or in other words the vapour of one 
gram molecule of the substance occupies a volume less than 22.4 litres. 
les of such abnormalities are vapours of water and 


‘Well-known examp. ch v 
densities are measured nearabout their respec- 


acetic acid when their red n € 
tive boiling points. Asa matter of fact acetic acid vapour exists largely 


where dọ=theo 
observed density, 


Association—So | 
density being lower tł 
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(over two-third) as dimer near the boiling point. Ifthe temperature of 
the vapour is gradually increased, the vapour density slowly falls to the 
normal value where it remains fairly constant. It is assumed in these 
cases that a portion of the molecules of the vapour exists as double 
-or more complex molecules, and the existence of these aggregates or 
clusters is responsible for the increased density. As the temperature 
rises, these aggregates break down to form single undissociated mole- 
cules. Evidences from other sources corroborate these conclusions. 
This phenomenon is called molecular association in the gaseous state. 


Other examples of association are the vapours of the chlorides of 
some metals such as aluminium, iron, beryllium, etc. whose vapour 
phases behave respectively like Al,Cl,, Fe.Cl,, BesCl,, etc. Vapours 
-of many elements, for example, sulphur and phosphorus show different 
degrees of molecular complexity at different temperatures. 


Exampre 2. Calculate the percentage of NO, (i) by weight and (ii) by volume, 
vin nitrogen peroxide (N2O,) of vapour densityv=35. 
NO, = 2NO,. 
(l—a) 2a 
(i) From the equation, dọ=d(1 +a). 


where d,=theoretical vapour density =}(N,O,)= aa =46 
and d=observed vapour density =35. 
We have 46=(1 +a) 35 or a=0.314. 
Total fraction of the original N,O, molecules Y = =0.314 
decomposed to form NO, molecules J  =31.4 per cent. 


.. the percentage of NO, by weight=31.49%. This is evidently also the degree 
«of dissociation, a. F 
aii) Since volume is directly proportional to the total number of moles, we have, 
Volume of NO, is proportional to 2a. 
“Volume of N,O, » » (1—a) 
` Total volume is » » l—a+2a=] +a. 


T 2a _ 100x0.628 
Percentage of NO, by volume = 100 x He oe ie 47.8%, 


l=a 1—0.314. 
Percentage of N,O, by volume=100 x ibe 100 x 7703147322% 


Note that per cent volume is quite different from per cent by weight as the former 
‘is equal to the mole per cent, while the latter is not (vide p. 151). 


Example 3. 0.821 gm. of iodine vaporised ct 1001°C in an onc-litre quartz flask regis- 
ters a pressure of 0.4742 atmospheres. Calculate what fraction of iodine molecules is present 
as atoms. 


We have PV=nRT. Since one mole becomes (1 +a) moles 
eduation becomes PV=n(1+a)RT. Substituting values, 
we have, 


by dissociation this 
remembering n=g/M, 


PV 0.4742 x2 x 127 J 
nRT 0.891 x0.0821 x1274 Aaka 
a=0.293 or 29.3 per cent. 


The iodine molecules are 29.3 
the given conditions., 


l+a 


per cent dissociated into atoms (I, = 21) under 
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EXERCISES 


1. Descrive briefly the different methods of determining the vapour density 


«of gases and liqu ids. 

2. Describe in details the Victor Meyer’s method of determining the molecular 
weight of a volatile liquid. 

3. Density of a gas varies with temperature but not the vapour density— 
Explain this statement. Are there any exceptions? What theories have been 
advanced to explain these anomalies? 

4. What is meant by the statement ‘‘ammoniurr chloride has an abnormal 
Can you advance any theory as an explanation for this fact, 
noting at the same-time experimental evidences in your support? Give instances 
-of two other substances which have got abnormal vapour density. 


5. Describe the effect of heat on the following substances: —Ammonium. chlo- 


ride; Phosphorus _pentachloride. 

.6. How do you determine the mole 
Acetone, vapour of zinc, mercury vapour, oxygen, 

7. Wydriodic acid when heated dissociates into hydrogen and_ iodine 
(QHI=H,+I.). Will it show abnormal vapour density? Give reasons for your 
sanswer. 

8. In the determination of the molecular weight of chloroform vapour by 
“Hofmann’s method the following results were ootained: weight of liquid (.2704 
gm; volume of vapour, 113 c.c.; temperature of vapour, 99.6°C; atmospheric 
pressure, 747 mm.; height of mercury 19 the tube 285.2 mm. Calculate the mole- 
‘cular weight of chloroform. (120.3) 


vapour density”? 


cular weight of the following substances:— 
ether and chlorcform? 


lata were obtained in determining molecular weight of 


9, The following d 
Dumas’ method using a bath at 100°C :—wt. of bulb in air—2¢.1840 


“benzene b 5 £ 
"gm; wt. Hi the sealed bulb containing benzene—29.3458 gm; wt. of the bulb filled 
with water of density 0,998—114.1 gm.; atmospheric pressure—760 mm. Density 

Room temperature—25°C. Calculate 


-of air at N.T.P.—0.001293 gm. per cc.5 
‘the molecular weight of benzene. (79.5) 
(Aint :—Apply buoyancy correction to the weight of benzene i.e. add to its appa- 
rent weight, the weight of an equal volume of air. This correction cannot ne neglect- 

„ed here, being nearly half the weight of benzene). 
10. Calculate the vapour density of 2 substance from the following data:— 
isplaces 26.2 c.c. moist air at 17°C and 764 


‘0.16 gm. substance on vaporization d: 
mum.” (Tension of aqueous vapour at 17°C=14 mm.). (73.6) 


11. 0.0623 gms. of a substance gave by Victor Meyer’s method 31.5 c.c. of air 
measured at 15°C and 750 mm. Find the mol. wt. of the substance. Tension of 
aqueous vapour at 15°G=12.7 mm. (48) 
12. The following opsery ations were made in a Victor Meyer determination: 

Weight of liquid used=0.0572 gram. 

Volume of dry air displaced =15.3 c.c. 

Room temperature=23.5°C. 

Barometric pressure = 763.2 mm. 


wt. and density of the vapour at N.T.P. 
Calculate the mol. wt. a ceed staan 


vaporised at 380°C and 813.8 mm. pressure 
"has a density of 0.6257 gm. Calculate the degree of dissociation. (70.8%) 


o , i f nitrogen peroxide is 30.2. Calculate the 
14. At 60°. the vapour density ©! LC 

f volume, and (b) by weight. 
“percentage of NO2 molecvles (a) by volw ) Eia 68.704. (h) 52.3% 


ociates into trichloride and chlorine. 


m chloride when v 


13. Ammoniw é 
per litre. 


i ted, it gasifies and diss 
15. When PCI, is heated, 1 g m e E a: aed 


- °C th our density of the g ct 
fie of Gidociation ‘at 182°C and 220°C (P=31) (41.6%; 68.0%) 
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16. 0.874 gm. of iodine displaced 137 c.c. of air measured at 21.5°C and 783° 
mm. Calculate the vapour density of the iodine and the degree of dissociation at 
temperature of the experiment (I,=I+1). (74.8; 69.7%) 

17, 4.5 gms. of PGI; were completely vaporised ai 252°C, and the vapour occupied’ 
1700 c.c. at one atmosphere. Calculate the degree of dissociation at this tempera- 
ture. (P=31, Cl=35.5). (82.4%): 

18. Write explanatory notes on ‘Abnormal vapour Density.’ 


19. Describe Pebal and Than’s experiments on the dissociation of ammonium: 
chloride. At 90°C the vapour density of nitrogen peroxide (N,O,) is 24.8 (referred 
to H,=1). Calculate the degree of dissociation into NO, molecules at this tem- 
perature. (85.4%)" 

20. Under what conditions is Avogadro’s law strictly applicable? State the 
principles involved in the accurate determination of atomic and molecular weights 
by the gas densities. 

21. A gas of known molecular weight is found to deviate widely from the ideal 
gas equation, which may be due to either dissociation or non-conformity with ideal 
gas equation. What experiments would you make to ascertain the real cause of 
this deviation? 

22. A one-litre vessel contains NO at 25°C and 200 mm. Pressure. A small 
bulb containing 0.5 gm. bromine is broken inside the vessel and the pressure is found 
to be 250 mm. Ifonly NO, Er, and NOBr be present in the vessel, calculate the 
partial pressure of each in the equilibrium system. 

(PNo=183.8; Par,—50.0; Propr=16.2 mm.) 

23. In the equation M= = if R be expressed in calories per degree and. 


P in atmospheres, in what unit should d be expressed? 


(gm.-atmos/cal. ie. gms. per 41.5 c.c.) 
24. Indicate a simple experimental device by which pure HD can npe distin- 


guished from an equimolecular mivture of H, and Da, where D stands for deuterium, 
i., heavy hydrogen. 


25. Is it possible to have gaseous dissociation without the gas showing any abror- 
mal vapour density? 

(Yes, of course, at constant volume, ride Examp. 3; or for dissociation of the: 
type 2HI=H,+1,, where the number of molecules remain constant.). 

26. H, was slowly passed over fused AgI at_760°C and 1 atmos. pressure. The 
liberated gas on anlysis gave 253.5 ml. moist H, at 20°C and 760 mm. pressure; 
(aq. tension at 20°C=17.5 mm:.). HI present in the gay mixture was exactly neutrali- 
sed ty 15.44 ml of 10.00 millimolar NaOH. Ignoring the presence of other gaseous 
substances, what will be the partial pressure of H, and HI in the system? 

(pH, =748.78 mm.; pHI=11.22 mm.) 

Hints:—2AgI +H, —> 2Ag+2HI 

pH, mole of H, 


PHytpHE= 76); PHI mole of HI 


27. Calculate the degree of association of acetic acid vapour at 124.8° and 
at 164.8°C, given that its vapour density is 45.2 and 37.1 respectively. 


(67 and 38 per cent), 


CHAPTER V 
GAS—LIQUID TRANSITION. THE LIQUID STATE 


Properties of Liquids—Besides the evident distinction that 
Jiquids occupy a definite volume under given conditions whereas gases 
fill up all the available volume, in almost all other physical properties 
liquids are well-differentiated from gases. Thus, liquids have far 
„greater density than gases; roughly speaking, liquids are about one 
thousand times as dense as gases. The difference is much more 
marked in point of compressibility as liquids are well over ten thou- 
sand times less compressible than gases. Another striking difference 
in property concerns the effect of temperature on viscosity; liquids 
become less viscous (i.e. more free-flowing) on heating whereas the 
viscosity of a gas increases with temperature. 


It is remarkable, however, though not often realised, that liquids 
in general expand on heating far more than solids, almost approach- 
ing the expansion of gases. For example, one litre of a perfect gas 
at N.T.P., when heated through 1°C, expands by 3.66 c.c. whereas 
-one litre of pentane or acetone under indentical conditions shows an 


expansion of as high as about 1.5 c.c. 


It should be noted that there is no basic distinction between the 
liquid and the gaseous state as can be easily seen from the fact 
that one can imperceptibly pass from one state to the other with- 
out even passing through the phenomenon of condensation. This 
will be discussed later under the section entitled, ‘Continuity of 


State.’ 


The Nature of Liquids—Since liquids stand midway between 
solids and gases, the liquid state may be expected to possess properties 
intermediate between these two states, which in some measure it has. 
Fundamentally speaking, however, since an ideal gas is matter in 
complete disorder on a molecular scale, and a perfect solid is malter 
whose molecules are completely well-ordered (zero entropy), liquids 
standing midway should be a compromised blending of order and 
disorder. In fact, evidence from all sources shows that liquids have 
some degree of order, though very rudimentary, as if “the memory 
.of the solid state persists in the liquid”, and hence the modern 
tendency is to treat the liquid at least near its melting point as an 
extension of the solid state z.e. as a disordered crystal or, a crystal 
with short range order and long range disorder. The same reason 
makes it also attractive as an alternative to treat liquids at least near 
the critical point as imperfect gases with strong intermolecular 
So, liquids are theoretically treated either as a disordered 


forces: a condensed gas, and both these approaches are of 


solid or as 
importance. 
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Of course, the very fact that liquids are formed show that there- 


is strong intermolecular attraction as otherwise the kinetic energy of 
the molecules would have dispersed the liquid into a gas. Not much 
is known however about the values of these intermolecular forces, 
which act between neutral molecules and cause them to deviate from 
perfect gas laws and ultimately bring about their condensation to the 
liquid state. The existence of this universal intermolecular attrac- 
tion was first envisaged by van der Waals in his famous equation of 
state and so these forces are generally called van der Waals forces. 
The dilemma of why would electrically neurtral molecules attract each 
other has been solved by modern theory ascribing it to dispersion 
forces due to electromagnetic interaction between the instantaneous 
magnetic fields of molecules arising out of quantum mechanical 
fluctuations, though on the average such molecules may be com- 


pletely non-polar. However, our understanding of the liquid state is- 


rather poor; yet the masterly researches of the investigators of the 
last century have done much to add to our knowledge about liquids 
and to show conclusively their close relationship with gases. 


Continuity of State: Andrews Experiments—Andrews (from 
1861 to 1870) studied the effect of increasing pressure on gaseous car- 
bon dioxide at different temperature. His results are shown graphi- 
cally in the accompanying diagram (Fig. 18), where the. pressure is 
plotted against the volume; each curve thus obtained is called an 
‘isothermal’, as it applies to the gas at any particular temperature. 

The isothermal, GBAL 
represents the pressure-volume 
relation of carbon dioxide at 
20°C and following it we find 
that the volume of the gas 
gradually decreases with increas- 
ing pressure. At B, condensa- 
tion to liquid state begins and 
since a liquid in contact with 
its saturated vapour has a 
constant vapour pressure at a 
given temperature, the curve 
follows a horizontal course until 
the point A is reached where 
_ SS — all the gaseous CO, has been 

ae i converted into liquid state. The 
Fig. 18—Andrews Isothermals point B, therefore, stands for 
for Carbon Dioxide. saturated vapour at 20°C and 


the point A represents the same wholly converted into the liquid state 
and any point between A and B represents a mixture of liquid and 
vapour under their saturation pressure at that temperature. The 
points B and A differ only in volume but not in pressure corres- 
ponding to the well-known fact that during condensation at constant 
temperature the vapour pressure does not change, i.e. the saturation 
pressure is constant at constant temperature and is independent of the: 


PRESSURE 
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total quantity of the liquid. The portion of the curve between A. 
and L represents the behaviour of liquid CO, under increasing pres- 
sure, and is very steep due to the fact that liquids are much less 
compressible in comparison with gases. The portion AB may there- 
fore be looked upon as a connecting link between the isothermals of 
gaseous and liquid carbon dioxide at 20°C. It has been found that 
the extremities of the horizontal portions of the isotherms (i.e. points 
A and B) lie on a parabola near the critical point (the dotted curve in 
the figure), the apex of which, C, necessarily lies on the critical point. 

Critical Temperature—Now, as the temperature is raised the 
horizontal portion AB gradually shortens until at 31°C, it just 
vanishes, the isothermal at this temperature having a slight hump (in- 
flexion point). Above this temperature there is even no trace of the 
horizontal portion AB, and no formation of liquids (¢.e. no separation 
of a separate distinguishable liquid phase), however high be the pres- 
sure, is observed. The isothermal curves are smooth figures (rectan- 
gular hyperbola) corresponding more or less to Boyle’s law. Since 
existence of the straight portions like AB implies condensation, it is 
thus definitely established that there exists a temperature (31°C for 
CO,), above which a gas cannot be liquefied however great the pres- 
sure may be; this temperature 1s called the critical temperature. 
From the standpoint of kinetic theory critical tempereature is that 
temperature above which the kinetic energy of the molecules is so 
large that no matter how close the molecules are brought together 
by pressure, the intermolecular attractive force is not sufficient to- 


cause the gas to liquefy. , f 
Gases at temperatures below the critical temperature are usually 


referred to as vapours. The pressure which is just, sufficient to liauefy 
the gas at critical temperature is called the critical pressure, and the 
volume occupied by one gram molecule of the gas at critical tempera- 
ture and pressure is called the critical volume (vide P. 52 for Table of 
critical data.) 


Continuity of State—From Andrews’ experiments, it is apparent 


e is no fundamental distinction between a liquid and a gas. 
sabe oe from the isotherms that a highly compressed gas is 
more akin in its physical properties to liquids than to gases. Even 
we can pass from the typical gaseous to the typical liquid state with-- 
out passing throu h the phenomenon of condensation. It is evident 
Pai ure 18 that t ts any number of paths connecting any 
from = BG (a typical gas) to any point on AL (a typical liquid), 
Pad if this path does not pass through the regio Bounded py ithe 
Dr is line—which only denotes a vapour and a liquid in equili- 

roken line be an abrupt change in the state though 


: i shere 3 
fae Siete as atl finally got a liquid. To be more definite, 


à n dioxide at a temperature represented 
if we have some guenn constant volume along the dotted line 
by the point the point P (which is above 31°C and has the same 
bai ees thE oint L) and then cool the gas at constant pressure: 
pressure ae it liquid carbon dioxide corresponding to the 
Wear bat aes in this process we have nowhere passed through the- 


here exis 
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„dotted region we have never the liquid and the vapour co-existing. 
It is actually impossible to detect physically at what point the gas has 
been liquefied, though theoretically it can be regarded as the cross- 
ing of the critical isotherm. 

This is evidently a continuous transition as opposed to abrupt 
transition from the gaseous to the liquid state, and so, such transition 
illustrates the term, continuity of state. 


Critical Phenomena in the light of van der Waals Equation — 
-The isothermals of gases near the critical condition as obtained by 
Andrews for carbon dioxide can be well interpreted by the van der 
Waals equation. Isother- 
mals for carbon dioxide 
constructed from values 
-@0 calculated from van der 
Waals equation with suit- 
able values for the cons- 
tants a and b—sometimes 
called van der Waals iso- 
therm in the p.v.-plane for 
evident reasons — are 
shown in the figure (Fig. 
19). It would be observed 
that these theoretical cur- 
ves resemble the experi- 
mental curves very closely 
except for an S-shaped 
portion in the region of 
condensation. Of course, 
experimentally we cannot 
realize this S-shaped por- 
iGo z x00 tion as the middle part of 

VOLUME -CC this portion signifies a 
hypothetical substance 
which expands in volume 
on increase of pressure, 
and what we actually observe is a horizontal line dividing the S-shaped 
portion into two loops of equal area. 


__ If we expand and rearrange the terms in the van der Waals equa- 
tion in descending powers of V we get a cubic equation in V as shown 
below. According to the theory of cubic equation it has either three 
real roots, or one real root and two imaginary roots. 


RT a b 

s= [$4 2 a 
v ( i P) Y+(r) v- (7) ee a 5l 
` This is in agreement with the fact that any horizontal line cuts the 
van der Waals curve either at one point, or at three points at suffi- 


ciently low temperature. As we raise the temperature these three 
points get closer and closer to one another and coalesce into one value 


FAESSURE - ATMOSPHERES 


Fig. 19—Isothermals of CO, 
according to van der Waals Equation. 
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at critical temperature. This means algebraically that if V, is the 
critical volume, (V—V-)*=0, because this is the cubic equation which 
has three equal, real and positive roots. Expanding this we get 
V3—(3V.) V?+3 (V.)*V—V'=0 50 S NSD 
Since this equation is identical with equation 5.1, under critical 
conditions we can equate the coefficients of similar terms according 
to a standard process of algebra and get 


3V.=b+ eae i a $ EG Eo] 
P: 
3V2= z n 54 
and v=% és jc te Ae ea) 


where the subscript c indicates critical condition values. 


Equations 5.4 and 5.5 on rearrangement give 
a=3V,2P, and b= V. Be 3 5.6 
Since V, for a gas is not known as accurately as P, and T., it 
is better to express 4 and b in terms of Pe and T, which can be readily 
done by eliminating Ve with the help of equation 5.3 when we get, 
eT 2 
aa ee and = +. SEO, 


These equations can be 
critical data, or to calculate t 
by eliminating a and b from eqns. 


equation, 


used either to calculate a and 4 from 
he critical data from a and 6. Further, 
5.3, 5.4, and 5.5. we get the 


US IDS, ue NM ne 

at for all gases the ratio P.V,/Te is a constant equal 
to 3/8 times the value of R. Experimentally, however, it is found 
to vary from gas to gas. For most gases and liquids RT,/P.V. has 
not the theoretical value 2.67 but it generally lies between 3 and 4 (see 
table on P. 52). Itis really satisfying to note that though the critical 
constants vary over a wide range, the above ratio as expected from 
the van der Waals equation is nearly constant at a value fairly close 
to the predicted value. In fact all the above theoretical equations 
involving critical constants are only approximately true and leave 
Š uantitative agreement with observed. 


much to be desired in point of q ' 
data, which is due to an inadequacy of the van der Waals equation. 
The Principle of Corresponding States—The principle of cor- 
responding states is a general principle and is fairly valid for all 
gases irrespective of whether they obey van der Waals equation or 
not. This principle states that if two gases are equally removed from 
their critical pressure and critical temperature (i.e. P/Pe and also 
T/T, are the same for the two gases), their volumes should be the 
same fraction of their respective critical volumes (i.e. V/Ve will alsa 


4 


T ug Se Rm oe $5 


which means th 
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be the same). The validity of the principle is well borne out by 
the fact already mentioned on P. 26 that the plot of the compres- 
sibility factor, z (=PV/RT) versus P/P.. at the same T/T. for all 
gases fall on the same graph. That the principle should be true 
for a van der Waals gas is proved as follows. If we substitute in 
the van der Waals equation the values of a, b and R as obtained above 
(eqn. 5.7 and 5.8), we get, 


3V.2P Ve] _8 P.V.T 
c e y= c =. eye 
[e+ WE i L Al 3 1, 


Dividing the first factor by P, and the second factor by V, in the 
left-hand side, and by P, V, in the right-hand side, we get 


Pe J _8T 
[e+ TH E eH 


on [P+ os] [V] 55 sf = BS 


where P, ae wee and ipa i.e. the subscript r stands for 
Es Ve ie 


the relative value with respect to the critical condition. It should 
be noted that P,, V, and T, are dimensionless quantities and furtLer, 
that the form of the above equation is similar 10 that of its progenitor, 
viz. the van der Waals equation. Such transformation is possible 
for any equation which contains only three constants. 

This equation is called the equation of corresponding states or the 
reduced equation of state. The most important point to note here is that 
the reduced equation contains no constant characteristic of any indi- 
vidual gas and so it would be applicable to all liquids and gases. 
Expressed physically this equation means that when two gases are 
equally removed from their critical temperature and pressure, they 
must occupy the same fraction of their respective critical volumes. 
In other words, there is strong correspondence in the P—V—T behaviour 
of all real gases provided they are compared relative to their respective 
critical values. The reduced equation is however found to hold good 
only approximately for real gases, 

Determination of Critical Gonstants—The existence of critical 
temperature above which no gas can be condensed however high the 

pressure may be, being established by Andrews 
(P. 48), the imvortance of critical parameters 


be was realised and their values were determined 

_ (vide Table P. 52). The critical behaviour how- 

Gas ever Is very interesting to watch which can be 

bt Liquefied done in an apnaratus originally due to Cagniard. 

hi a > de la Tour (Fig. 29). On gradually increasing 


the temperature, the surface of separation be- 
tween the gas and the liquid suddenly vanishes: 
as the critical temperature is reached and the 
whole mass of liquid and vapour becomes homo- 
Fig. 20—Critical State geneous. The reverse phenomenon of separa- 


GAS-LIQUID TRANSITION 51 


ae ee phases takes place on cooling. An approximate idea 
T. P, can thus be obtained. Just before t 3 
ranon vanishes a peculiar E happens aA of 
iquid and vapour seems to have a kind of very fine opalescen 
which scatters light beautifully; this is called critical opalescence. a 
The reason for the disappearance of the surface of separaticn i 
due to the fact that with the rise of temperature tle density of the 
liquid decreases while the density of tLe vapour akove ie li ta 
increases and at critical temperature and critical pressure oth 
densities of the liquid and the vapour become equal and so one is 
indistinguishable from the other (Fig. 21). In fact, not only TRT 
but all physical properties of the two states become identical at ihe 


critical point. 

Determination of Critical Density—The above apparatus is not 
quite suitable for determination of critical density. In fact, a direct 
exverimental determination of the same is liable to large errors Hence, 
a gee method, called Cailletet and Mathias Method, is generally 
uscd. 

The method depends on the empirical rule, first proposed by the 
above authors, that the mean density of any liquid and its co-existing 
vapou“ changes linearly with tem- 
perature. So, the density of a 

0.20 0.40 0.60 0.80 


liquid and of the vapour in equi- 
Critical Point 
20 lS Ga) 


librium with it, is experimentally 
K 


determined at a nu ber of teni- 
perature near critical point, and 4 
these densities are plotted against 
temperature to form a closed curve 5 
as shown in the figure. The aver- “p 
age of the two density values at 2 
each temperature is also plotted § 
and a straight line is obtained by $ 
joining them. This line, if extra- | 
polated, cuts the above-mention- 
ed closed curve at the critical 
point, and this extrapolated den- 
sity is the critical density and its 
reciprocal is the critical volume yo 
per gram. 

Some representative values Of. he Di_-Determination of Great 
lucing, molar Density by Cailletet and 
compiled in Mathias Method. 


Average ] 


—— Density (Grams/CC) 


critical constants inc 
critical volumes are 


the following table. 
G-itical Point or Critical Region: Some Recent Experiments 


We have assumed in the de la Tour’s experiment that the tempera- 
ture at which the meniscus becomes indistinguishable is the critical 
temnerature where the liquid and the vapour become identical in 
property. Some recent experiments by Mass and others have brought 
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to light some interesting features at the critical point which show that 
there is a small “spread” near the critical point. A very interesting 
fact is that when the meniscus has just disappeared, if a delicate 
quartz spring with a small load is placed in the vapour and the liquid 
phase respectively, it experiences a difference in buoyancy showing 
that there is still a difference in density between the two regions. 
Another very peculiar observation is that very near the critical 
temperature the meniscus has a tendency to disappear and reappear 
at the same place in a tube even though it is made upside down after 
the disappearance of the meniscus. All these facts show that the 
liquid state has a tendency to preserve its molecular clusters over 
a short range above the temperature at which the meniscus disappears, 
but the existence of a true critical temperature is however definite 
and cannot be doubted. 


CRITICAL CONSTANTS 


: E 
Substance TRS Pe atm. Ma Cic: P, Ve 

e 
Helium ca te 5.2 2.25 61.5 3.08 
Hydrogen... a 33.2 12.8 69.7 3.05 
Argon ses Ride 150.7 48.0 Tie bon 3.35 
Nitrogen Le cot 126 399 90.0 3.42 
Oxygen he te 154.3 49.7 74.4 3.42 
One ae pt 304.2 72.8 94.2 3.64 
Ammonia... Bs 405.5 112.2 72.0 4.12 
Benzene... tg 561 48.0 256.0 3.75 
Acetic Acid... eae 594.7 47.7 171.2 4,99 
Acetonitrile... ae 547.8 57.1 173.1 5.45 


_ _*Note that °K means degree Kelvin and is simply another name for temperature 
in the absolute scale. 

Three States of Matter: Inadequacy of this Goncept—Nature 
has a subtle way to rebel against any conformity imposed on her by 
man-made classification. Thus, ordinarily, matter has to be either a 


exist and the resent classi i 
aes P classification 
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Liquefaction of Gases—Attempts to liquefy gases were made 
early in the eighteenth century and some success was attained by 
earlier workers who had liquefied easily liquefiable gases like ammo- 
nia, sulphur dioxide, etc. But sometimes their conclusions were erro- 
neous as they were at times liquefying only the water-vapour in the 
gas, which was retained in the gas due to imperfect drying. 


In 1805 Northmore liquefied chlorine and sulphur dioxide by 
applying pressure but failed with CO, since the apparatus could not 
stand the high pressure required for this purpose. In 1823 Faraday 
began systematic researches in this field and was successful in liquefy- 
ing all gases which require only moderate pressure and not very low 
temperature for condensation. His method was very simple indeed; 
he generated the gas in an inverted 
U-shaped tube by heating a suitable 
solid placed in one branch of the tube 
and immersed the other end in a freez- 
ing mixture. When the pressure in- 
side becomes sufficiently high, the gas 
is liquefied in the cooler arm of the 
tube. In this way Faraday liquefied 
sulphur dioxide, hydrogen sulphide, 
carbon dioxide, nitric oxide, cyano- 
gen and ammonia. 

The next important worker was 
Thilorier (1834) who liquefied carbon 
dioxide and even solidified it as a 
snow-white mass by allowing the Fig. 22—Faraday’s Method 
liquid carbon dioxide to evaporate of Liquefaction of Gases. 
freely. He also found that a mixture y 
of solid carbon dioxide (dry ice) and ether evaporating under 
reduced pressure could produce a temperature as low as —100°C, and 
this was used as a freezing mixture under the name of ‘Thilorier 
mixture’. 

Up till then, certain gases amongst which were hydrogen, oxygen 
and nitrogen could not be liquefied even by application of enormous 
pressures, sometimes up to 3000 atmospheres and were designated 
as ‘permanent gases’. They were not long to remain so, for in the 
year 1877 Cailletet and Pictet succeeded in liquefying oxygen and 
air by submitting them to a pressure of 300 atmospheres and using 
liquid SO, evaporating under reduced pressure as refrigerant. 


Andrews Discovery of Gritical Temperature—In the mean time 
(1870), Andrews’ experiments on the liquefaction of carbon dioxide, 
which have been already discussed (P. 46), furnished the most 
fundamental knowledge on liquefaction. His experiment clearly 
demonstrated that for any gas there exists a temperature called its 
critical temperature below which it can be liquefied by the applica- 
tion of appropriate pressure, but above this temperature the gas 
stubbornly resists all attempts towards condensation. 
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Foule-Thomson Effect or Adiabatic Expansion—Joule and 
Thomson showed that if a gas under suitable conditions of tempera- 
ture and pressure is forced out through a porous plug, the gas suffers 
a fall in temperature and this phenomenon is known as Joule- 
Lhomson effect. Joule-Thomson effzct depends upon the fact that all 
gases are ordinarily imperfect or, looking from the kinetic point of 
view, the molecules attract each other. So, ifa highly compressed gas 
expands against a low pressure in such a way that it performs no 
extzrnal work, the ensrgy required to increase the average distance 
of the molecules from one another is absorbed from the gas itself and 
so the gas falls in temperature. The discovery of this effect served 
as a powerful weapon in the hands of later workers to liquefy all the 
gases which had still then escaped liquefaction (also, vide p. 95). 

- The theoretical principles being thus established by Andrews and 
by Joule and Thomson, then followed an era of busy work when 
scientists were engaged in liquefying the most obdurate gases as 
hydrogen and helium, and technical chemists were engaged to con- 
duct this liquefaction on a large scale. 


The boiling points of a number of common liquefied gases are 
given in the following table. 


B. P. °C. | B. P. °Abs. | Substance B. P. °C. | 


Substance | 
Sulphur Dioxide | — 10.1 262.9 Argon —185.7 87.3 
Ammonia — 33.5 239.5 Air —193.1 79.9 
Chlorine — 34.6 238.4 Nitrogen —195.7 77.3 
Ethane —161.4 111.6 Hydrogen —252.7 20.3 
Oxygen —182.9 90.1 Helium —268.9 4.1 


_ Manufacture of Liquid Air—Hamson in England and Linde in 
Germany were successful in erecting large-scale plants for the lique- 
faction of air. These machines utilised Joule-Thomson effect coupled 
with the method of regenerative cooling as explained below. 

Principle of Regenerative Cooling—For most gases cooling by 
Joule-Thomson effect is rather small, For example, air at 20°C, by 
falling from a pressure of 50 atmospheres to 1 atmosphere suffers 
a temperature drop of about 12°C. But this drop in temperature 
may be intensified if the gas already cooled by Joule-Thomson effect 
is circulated round the incoming gas so that it gets cooled and so 
undergoes the Joule-Thomson expansion at a lower initial tempera- 
ture. A further drop in temperature occurs to the incoming gas, and 
this cooler gas is employed to cool further another portion of the 
incoming gas, which becomes still more cooled by the subsequent 
Joule-Thomson expansion passing through the valve. Thus, the cool- 
ing effect gradually accumulates and as a result of this cumulative 
cooling effect the gas ultimately cools to its liquefying temperature. 
The e‘ficiency of this method of regenerative cooling is assisted by the 
fact that the lower is the initial temperature of the gas, the greater 
is the magnitude of the Joule-Thomson cooling, ; 
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The apparatus of Linde is shown diagrammatically in Fig. 23. The 
air freed from carbon dioxide and moisture (which would otherwise 
choke the apparatus) is first cooled to —20°C by passing through a 
freezing mixture and is then forced through the inner tube of two or 
three concentric pipes at a pressure of about 200 atmospheres. This 
tube is hundreds of yards long and is coiled spirally to save space. 
By regulating the throttle valve, operated by the handle T, the air is 
allowed to expand suddenly into a chamber to a pressure of about 
20 atmospheres. By this sudden expansion the air falls in temperature 
to about —78°C due to Joule-Thomson ef ect and this cooled air 
passes back through the outer tube. The incoming air is thus cooled 
by conduction by the outgoing air before it expands and this cooled 
air falls turther lower down in temperature by expanding through the 
valve, and then passes away through the 
outer-tube. Thus there is cumulative cool- 
ing effect as a result of which the incoming 
air gets sufficiently low in temperature. 
The second throttle valve is then opened 
and the already cooled air gets liquefiea by 
expansion through this valve to one atmos- 
phere. The air that passes through the 
apparatus goes back to the pumps, where 
it is compressed to 200 atmospheres and 
recirculated. When sufficient amount of 
liquid air is collected it is siphoned out 
through the side tube. To minimise the 
absorption of heat from outside, all parts 
of the appartus are surrounded by insulat- 
ing materials, viz., felt, wool, feather, etc. 

More efficient liquid air machines (¢.g., 
Claude’s process, etc.) have now come in use 
which instead of solely employing Joule- 
Thomson effect, make the compressed gas 
also do work by expansion against external 
pressure and thereby suffer cooling. Thein- 
dustrial importance of oxygen and nitrogen * Fig. 23—Linde’s 
for chemical industries has led to the deve- ‘Apparatus. 
lopment of machines, where fractionation " 
and liquefaction go on simultaneously and continuously. The frac- 
tionation is usually effected by rectifying columns, down which liquid 
air trickles and meets an up-going stream of air. Nitrogen (B.P., 
—195°C) being more volatile than oxygen (B.P.;—l 82°C), the vapour 
which passes out from the top is nitrogen with a small percentage o 
oxygen while the liquid which collects at the bottom is nearly pure 


SEAE is a commerical demand for argon and neon, the 
former for use in gas-filled lamps and the latter in coloured lights 
of the gas-discharge type (neon. sign), these two gases are prepared 
by liquid air manufacturers. Since the B.P. of argon is intermediate 
between that of nitrogen and oxygen 1t Is generally obtained admixed 
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with nitrogen from near the centre of the fractionating column in 
liquid air manufacturing machines. This is purified to yield highly 
pure argon. Helium and neon, since they are more volatile than 
oxygen or nitrogen, remain in that portion of the compressed air 
which escapes liquefaction. This portion is withdrawn, liquefied. 
and submitted to fractional distillation to be purified from admixed. 
nitrogen. Helium and neon are then separated by treatment with 
cool activated charcoal, the separation being based upon the fact that 
neon is more strongly adsorbed (this is just what is expected from, 
the fact that neon -is more easily condensable than helium 
[Chap XXII}). 


For commerical refrigeration, e.g., refrigerators, air-conditioners, ctc., the: 
employment of suitable gases in the liquefied state is being rapidly developed ; for this 
purpose, ammonia, sulphur dioxide, methyl chloride, the newly developed CF,Clg 
(commercially called freon or arcton), etc. are extensively used. The last named 
gas i.e., CF,Cl, is almost ideal for commercial refrigerators as it is odorless, non-toxic,. 
non-corrosive, inert and very stable, and has excellent thermodynamic properties. 


Solid carbon dioxide under the trade-name, “dry ice” also commands a large sale 
for ordinary refrigeration. Solid carbon dioxide has the peculiar property of directly 
passing into vapour without going through the intermediate Stage of liquefaction 
because its vapour pressure reaches one atmosphere at —79°C which is lower than its 
melting point, — 57.6°C. However, under sufficiently high pressure it shows the usual 
phenomenon of melting which it does at — 56°C at 5.2 atmospheres (vide, Principle 
of Sublimation, P. 236). 


Liquefaction of Hydrogen and Helium—Hydrogen and helium 
have proved to be the most difficult to liquefy. This is owing to weak 
intermolecular attractive forces in these gases; condensation into a 
liquid can occur only when the forces holding the liquid together are 
strong enough to overcome the disruptive influence of the thermal 
agitation owing to kinetic energy of the molecules. Not only these 
have the lowest boiling points but their behaviour with regard to Joule- 
Thomson effect is anomalous too. Instead of the usual cooling effect 
they get heated when allowed to expand suddenly, and so could not 
be liquefied by the above method. It was later found that for each 
gas, at a particular pressure, there is a temperature called ‘inversion 
temperature’, only below which the gas cools on expansion. For 
hydrogen the inversion temperature is —80° and for helium —240°C. 


Hydrogen was liquefied independently by Travers (1901) and 
Olszewsky (1902) by applying Joule-Thomson effect after they had 
been initially cooled below their respective inversion temperatures. 
Hydrogen was obtained in large amount in liquid and solid form by 
Dewar. Helium was liquefied by Kammerling Onnes in 1908 by 
utilising similar principles and making use of liquid hydrogen for 

\ cooling. Helium was solidified by Keesom under moderately high 
Pressure in 1926 in the Leyden Cryogenic Laboratory of Holland. 


‘March towards the Absolute Zero—After solidification of 
helium the thrilling idea of reaching as close as possible to the un- 
attainable absolute zero of temperature fired the imagination and 
engaged the attention of physicists. With the conventional technique 
using liquid helium boiling under reduced pressure, a temperature 
down to just below 1°K was produced by Keesom in 1932, and it was 
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realised that this was just about the lowest limit achievable by the 
then existing techniques. 

The year 1933 marked a new phase in low temperature produc- 
tion as a new principle called adiabatic demagnetisation of para- 
magnetic salts first suggested by Debye and also Giauque was pressed 
into service for further lowering of temperature. The principle of the 
method is that if a paramagnetic salt is placed in a strong magnetic 
field sufficient to orient its magnetic dipoles and the field is sub- 
sequently switched off, the latter process of adiabatic demagnetisation 
will absorb heat because the ordered arrangement of the magneti- 
dipoles will become disturbed and chaotic in the process. Utilising 
this magneto-thermal effect and working with paramagnetic salts such 
as salts of gadolinium, iron, etc., the coldest accessible region could 
be moved down to cover three more temperature decades, viz., from 
about 1°K to 0.001°K i.e. 10-8 °K, and it seemed that this would 
remain the limit until some new principles could be put to work. 


During the last few years it has been possible to remove this limit 
further two decades down to about 10-5 °K by utilising the new prin- 
ciple of nuclear demagnetisation. It seems that it would not be very 
long before we shall be within a microdegree (millionth part of a 
degree (i.e. 10-8) of the theoretically fixed minimum of our tem- 
perature scale viz., the absolute zero of temperature; the actual ` 
attainment of absolute zero has been however thermodynamically 
predicted to be impossible of experimental realisation. 


EXERCISES 


1. Give an account of Andrews’ experiments with carbon dioxide and his 
important conclusions. 

2. How can you convert a vapour into its liquid form without passing through 
the phenomenon of condensation? 

3. The lower hydrocarbons (mainly propane and butane) are now supplied 
in liquid form with a coexisting vapour phase in steel cylinders for household use such 
as cooking, heating, etc. in many citicsin India. Explain why oxygen can not be so 
supplied i.e. as a liquid in steel cylinder at room temperature. Also comment on 
the fact why it is not possible to know the extent of consumption by fitting a pressure 
gauge to the above household gas cylinders. 

4. Give an outline of the various methods which have been used for the 
liquefaction of gases. Explain the essential conditions for liquefaction of a gas. 
Describe Faraday’s experiment in this connection and note how it was improved by 


Pictet. 
5. Write short notes on :—Joule-Thomson effect; inversion temperature ; 


equation ofstate ; march towards absolute zero. 
6. What gas is the most difficult to liquefy ? Who did liquefy and solidify it?» 
7. “Chlorine is said to be a more liquefiable gas than oxygen”—Discuss the 


correctness of the statement. , : ; 
8. Write notes on :—liquid state, continuity of state, equation of corresponding. 
states. n N 
9. Is the classification into three state of matter always adequate ? J 


10. From van der Waals equation deduce the equation of corresponding state: 


and discuss its significance and implications. 
11. Given the van der Waals equation for a gas how do you arrive at rough 


values for its critical constants. ; 


CHAPTER VI 
SOLID & CRYSTAL STRUCTURE 


Crystalline and Amorphous State—If a strong solution of alum 
is cooled, the solid blocks of alum which separate out of the solution 
are found to consist of a large number of small units each having 
definite geometric shape and being bounded by plane faces; these 
are called crystals. Crystals of various external forms are met with 
e.g. cubic, tetrahedral, octahedral, prismatic, etc. and they are usually 
obtained either by slow solidification of the molten substance or by 
cooling a saturated solution of the substance. 


On the other hand, if aluminium hydroxide is precipitated from 
a solution of aluminium salt by ammonia, it separates out in the 
form of a jelly having no definite shape. Similarly, if molten glass 
is cooled, it does not solidify sharply at a definite temperature but 
gradually gets solidified to a hard transparent solid. These solids 
are called amorphous. Fine powdery precipitates, glass, resins, jellies, 
etc. belong to this class. They are usually prepared either by super- 
cooling a viscous liquid so as to prevent crysallisation or by direct 
rapid precipitation under conditions unfavourable to crystallisation. 


The distinction between amorphous and crystalline solids is not 
sharp. Fine precipitates which are usually regarded as amorphous 
as they do not show any crystalline structure even under a powerful 
microscope, have been shown by X-ray method in some cases to 
consist of a conglomerate of minute crystals. Thus, cement, a 
typically amorphous substance, has been shown to consist of minute 
crystals interpenerating each other giving the whole the. appearance 
of a solid compact mass. 


Amorphous solid, such as glass, which has been produced by super-cooling 
shows a peculiar phenomenon. If an old sample of glass is heated so as to 
relieve the resistance towards crystallisation it sometimes happens that small 
crystals grow out and the sample becomes unfit for glass blowing. This pheno- 
menon is called devitrification. That a slow process of crystallisation is constantly 


going on in a sample of glass is shown clearly by the existence of devitrification 
in glass panels of churches which are centuries old. 


Polymorphism and Allotropy—The same substance, elementary 
or compound, may exist in more than one crystalline modification. 
This phenomenon is called polymorphism and in the case of elements 
1t 1s customary to refer to it as allotropism or allotropy. 


Polymorphism—Various cases of polymorphism are well-known. 
Common ice may be made to crystallise in a number of modifications 
(at least six) called ice I, ice IÍ and so on, if the external pressure 
is increased. The existence of mercuric iodide in the yellow and the 
red modifications, the occurrence of silicon dioxide as quartz, flint 
opal, sand, agate, etc., the existence of ammonium nitrate in five 
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well-characterised polymorphic forms, and similar other phenomena 
are examūles of polymorphism. The different crystalline forms o 
the same substance are called polymorphs. - 


ALLOTROPY AND TRANSITION TEMPERATURE 


The property possessed by an element to exist in different 
modifications giving rise to a dffzrence in physical properties and to 
some extent chemical properties is called allotropy. The allotropes 
d {fer from one another in their energy content which may be due to 
an alteration of the number and arrangement of the atoms inside the 
molecules or in the arrangement of the atoms and molecules in the 
crystal lattice (framework). Three types of allotropy are distinguished 
depending on the method of transition from ore modification to 
another: (a) Enantiotropy, (b) Monotropy and (e) Dynamic allotropy. 


(a) Euautiotropy—It is the form of allotropy where the two 
modifications are interconvertible at a definite temperature called 
transition temerature, one modification being stable above this tem- 
perature while the other form being stable below this temperature. 
(For Phase rule treatment, vide Ch. XV, p. 237). 

' ST A 
An example of this type of allotropy is rhombic and monoclinic sulphur 
which has a transi'ion temperature 96.6°C. If sulphur is heated above this 
temperature it is slowly converted into the monoclinic form while below this 
temperature the rhombic variety, is stable and the two forms can co-exist at this 
temperautre. Another example is grey tin and white tin, the former crystallising 
in the cubic and the latter in the tetragonal system; the transition temperature 
is 20°C. below which the grey variety is stable while above this temperature the 
white one is the stabler. In very cold countries the usual white modification of 
tin becomes unstable and sometimes the rate of transformation from white to 
grey variety becomes so large that the whole falls toa powder with a cracking 
noise. This is called tinplague, or ‘cracking of tin’. It is reported that when 
Napoleon marched off from Russia in 1812, due to intense cold the conversion of 
white to grey tin became so rapid that tin buttons, medals and equipments of 

the soldiers crumbled away. So, the characteristics of enantiotropy are— 


(i) Existence of a transition temperature and 
(ii) Reversible interconversion of one form to another. 


(b) Monotropy—Systems in which one modification is constantly 
unstable at all tem>erature and gets converted into the stable variety, 
are called monotropic systems. So, here we can change one form 
into the other but can not effect the reverse change by temperature 


change only. 


The system, ozone—oxygen,. under ordinary circumstances, 1s an example of 
monotropy. At ordinary temperature, ozone is, unstable and gradually 
decomposes into oxygen, the rate of decomposition rising with temperate The 
system, red phosphorus—yellow phosphorus is another example for, in this cose, 
if yellow phosphorus is heated for a long time it is ultimately converted into 
red phosphorus but the reverse change from red to yellow is not possible, 
unless the phosphorus is vaporised and recondensed. The explanation of this 
type of allotropy is that there is actually a transition temperature which is 
well above the melting point. This explanation is supported by the fact that 
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some systems which are monotropic under ordinary conditions become enantio- 
tropic under increased pressure.~ So, the main characteristics of monotropy are— 


(i) The non-existence or non-realisability of any transition temperature, and 


(ii) Uni-directional transition due to one form being constantly unstable. 


(c) Dynamic Allotropy—In this form of allotropy the two forms 
exist side by side in equilibirium at all temperatures, the proportion 
of the two forms present being determined by the temperature. 


The most well-known example of this type is \-sulphur and p-sulphur which are 
both present in molteri sulphur. Sulphur melts to an amber-coloured liquid which 
is almost wholly A-sulphur containing a small percentage of y-sulphur. As the tem- 
perature is raised the proportion of p-sulphur increases and as a result of this the whole 
mass becomes viscous and dark in colour, until the boiling point is reached, where 
the whole mass is almost wholly w-sulphur. So, the characteristics of dynamic 


allotropy are— 
y (i) Non-existence of any transition temperature and 


(ii) Both forms co-existing in mutual equilibrium at all temperature. 


Methods of Determining Transition Temperature—Since the 
physical properties of the two modifications differ, it is to be expected 
that at the transition temperature any physical property will suffer 
an abrupt change. This is the principle on which the usual methods 
of determining the transition point are based, the most widely used. 
physical property for this purpose being the density or specific volume. 
This method is known as dilatometric method. The substance is placed 
in a wide tube fitted with a capillary and sealed. The rest of the 
apparatus is filled with an indifferent liquid say, mercury, up to 
the capillary and the whole is placed in a bath whose temperature 
is gradually raised. The mercury column inside the capillary will rise 
uniformly with temperature up to the transition temperature where 
it will show a sudden change in volume due to the conversion from 
one form to another. When the conversion has been comleted, the 
expansion will once again be uniform but usually at a different rate. 
The reverse phenomenon takes place on cooling. 3 


Other physical properties used for the determination of transition 
temperature include solubility, electrical conductivity, vapour 
pressure, etc. The transition point between white tin and grey tin 
has been determined very ingeniously by observing the temperature 
at which grey tin and white tin have got the same electrode potential 
when dipped in a solution of a tin salt. 

Comparison between Transition Point and Melting Point— 
In an extended sense the ‘term transition point includes melting or 
boiling point, because melting is really a reversible transition or phase 
change. The distinction between the two is merely conventional. 
The following analogies are to be noted:— 


(i) At the melting point or transition temperature bi 
$ oth forms are equally stable 
having the same vapour pressure, and can co-exist side by side. TRUNG 
(ii) The transition point and melting poi 
2 5 point are perfectly well-defined tempera- 
tures, whose values are changeable with external pressure E aE to similar rules. 


SOLIDS AND CRYSTAL STRUCTURE 61 


(ii) The transition from one modification to another as well as the melting of 
a crystal takes place with either evolution or absorption of heat; such changes are also 
usually attended with volume change. 


(iv) It is usually possible to superheat or supercool one modification above or 
below the transition point easily, but it is less easy to supercool a liquid below the 
melting point and far less easy to superheat a solid above the melting point. 


(v) A dissolved foreign material depresses the M.P. and also changes the transition 
temperature according to the same basic rules (i.e. if the solute dissolves in the phase 
stable at higher temperature the transition point is lowered and vice versa). 


SPECIFIC HEATS OF SOLIDS 


Dulong and Petit’s Law—Dulong and Petit (1819) discovered 
the very simple law that the product of the atomic weight and the specific 
heat of solid elements is nearabout 6.4 i.e. 


Atomic weight x Specific heat=6.4 (approx.) gi = 6.1 


This product of atomic weight and specific heat is called atomic 
heat and the law of Dulong and Petit is sometimes stated in the form 
that atomic heats of all solid elements are constant and equal to 6.4. This 
means that the thermal capacities of the atoms of all solid elements 
are the same. The following table shows the approximate con- 
stancy of the atomic heats. Itis really striking that though the atomic 
weights extend from 7 to 238 yet the atomic heat values are nearly 
constant. 


Atomic HEATS oF ELEMENTS 


x 


ee 


Element Atomic weight Specific heat Atomic heat 
Lithium ese eee 6.94 0.9408 6.53 
Sodium fiat ae 22.997 0.283 6.5 
Aluminium... ie 27.1 0.2142 5.81 
Potassium... As 39.1 0.166 6.5 
Copper ot a 63.57 0.0928 5.88 
Silver i s 267.88 0.0559 6.0 
Iodine 126.9 0.0541 6.9 
Gold ean 197.9 0.0304 6.25 
Lead wes Sp 207.2 0.0305 6.52 
Uranium riz ws 238.5 0.0277 6.61 


This empirical law which served a most useful purpose during the 
historical period of atomic weight determination (P. 376) has 
a theoretical basis which is roughly as follows. Solid elements are 
composed of atoms arranged regularly in a crystal lattice and these 
atoms vibrate about their respective mean position. Since any vibra- 
tion can be resolved into three components along the three axes, and 
since the energy can be both kinetic and potential, so essentially there 
are six degrees of freedom. Energy per degree of freedom, we know 
(P. 12) is 3RT and so Cp in this case with be roughly 6 X}R=6 (approx). 
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Exception to Dalong and Petit’s Law—Some elements, viz., 
carbon, bocon, beryllium and silicon having low atomic weights and 
high melting points, are exceptions to the above rule, for their atomic 
heats at ordinary temperatures are 1.37, 2.64, 3.4 and 4.75 respectively, 
values much less than those demanded by Dulong and Petit’s law. It 
has, however, been found that unlike other elements their atomic 
heats rise very rapidly with temperature and at higher temperatures 
approach the value 6. So, they are not really exceptions to Dulong 
and Petits law, and the above fact suggests that the conditions under 
which an element obeys the above law are attained for these elements 
only at a higher temperatures. 


The variation of specific heat of elements with temperature at very low tempera- 
ture is remarkable. With lowering of temperature, the specific heat of all elements 
decreases and tends to approach zero near absolute zero of temperature, The 
explanation of this fact could only be satisfactorily given by Einstein on the basis of 
Planck’s quantum theory. Later workers like Nernst, Lindemann, Debye and others 
developed the theory to such a high state of perfec ion that Jeans (1912) could write, 
“The application of quantum theory to the explanation of low temperature specific 
heats, from its complete naturalness, and from its agreement with experiment, seems 
destined to be final.” 


Molecular Heat! Kopp’s Rule—The above idea was extended 
to the case of compounds by Neumann, Joule, Kopp, and others, who 
found that the molecular heat of a solid compaind (molecular weight X specific 
heat) is approximately equal to the sum of the atomic heats of the constituent 
atoms. Thais is sometimes known as Kopp’s rule or Neumann’s rule. 


The valuzs of atomic heats which are to be used for metailic 
elements are nearabout 6.4 but, for non-metallic elements are less 
than 6.4. Taus, oxyzen has an atomic heat of 4 cals., sulphur 5.4 
cals., phosphorus 5.4, carbon 1.8, etc. It is interesting to note that 
abnormal values of atomic heats of elements like carbon, etc. are 
preserved even in comination. Tae above rule is only approximate 
as that of its precursor, Dulong and Petits law. 


CRYSTAL STRUCTURE AND CHEMICAL 
CONSTITUTION 


Mitscherlich’s Law of Isomorphism—tThat the structure of a 
crystal is in some way related to its chemical composition was first 
recognised by M tscherlich (1819) who stated this in his law of iso- 
morphism in the following way—<Th2 same number of atoms combined’ 
in the same maver prod ves bie sam? crystalline form; the crystalline form 
is indspendent of the chmical nat'ire of the atoms and is determined solely by 
their number and made of combination.” 


Sabstances crystallising in the same crystalline form are called 
isomo-prots. Examples of isomorphism among compounds of similar 
structure investigated by the discoverer of the law are the alkali metal’ 
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phosphates and arsenates. Also, other cas i i 

known. Thus, common alum, ferric OA eee ee 
simJar structure, K,SO,, M,(SO,)3, 24H,O and are also isomo. Hes 
crystallising in the octanedral form (cubic system). The a a E 
of zinc, iron, etc. (FeSO, 7H,O, etc.) crystallise in Sh gets 
crystalline form. aaa 


Criteria of Isomorhispm—Only a similar outward crystallin 
form is not sufficient for two substances to be classed as isomorpho > 
The following are the three criteria of isomorphism. Eren 


(a) Similarity of cystalline form, 
(b) Formation of mixed crystals, and i 
(e) Formation of overgrowth. 


(a) Similarity of crystalline form—This is the funda 

condition of isomorphism. However, in no system of crystal st mea 
except the regular cubic system, perfect identity of ceystalline eee 
is ever met with. Tne interfacial angles between corres: s dine 
crystal faces of two crystals usually classed as isomorphous a “ioe 
exactly equal, though they are very nearly so. ES EVN 


f (b) Formation of mixed crystals—This is a very good criterion 
of isomorphism. If two substances which are isomorphous are cr sual 
lised fiom a solution containing both, it is found that the Gaels 
which separate contain both the substances though the Ration is 
saturated only with respect to one of them. If a solution containi E 
violet chrome alum and ordinary potash alum is crystallised toe 
possible to obtain crystals having a colour from deep violet to : le 
purple accord.ng to the amount of chrome alum presentin the coals 


(c) Formation of overgrowth—If a small crystal of one sub 
stance is suspended in a super-saturated solution of another sub: p s 
which is isomorphous with it, it is generally found that the ana 
gradually grows in s.ze. Thus, if a small violet crystal of sane a ee 
is suspen ted in a suer-saturated.solution of ordinary alum, th i um 
salt will be deposited as a colourless mass with the coloca, AE 
as nucleus, and thus a large crystal with a small coloured nucl crysta 
like the plum in a plum cake will be obtained. In the es 
green crystal of nickel sulphate may be covered with an ove: aya 
of colourless zinc sulphate. rgrowth 

It seems that the property of formation of mix LSA 
hee way related to eS of crystals, the SREE SverBro Weh, is iti 
molecular volume. For, it is some imes found that isomorphous substances E if he: 
widely different molecular volumes will not form mixed crystals or overgrowth E hie 
substances which are not isomorphous but have almost equal molecular voltrne while 
sometimes exhibit the above phenomenon. es may 


Application of the Law of Isomorphism—The law of iso 
morp.usm has served a very useful purpose in being helpful in the 
d:termination of atomic weight, for details of which the stud is 
referred to Part WI (Ch. XXV). ent 1s 
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Exceptions to the Law of Isomorphism—Though the law of 
isomorphism had quite well served its purpose in the earlier develop- 
ment of chemistry, yet further research has revealed the existence of 
many exceptions. ‘The exceptions are two-fold. Firstly, there is the 
great difficulty of defining isomorphism. No two substances except 
those crystallising in the simple cubic system have been found which 
have exactly identical crystalline form ; for example, ferrous sulphate 
and zinc sulphate, though crystallising in the same cyrstalline form, 
have their interfacial angles -slightly different from each other. 
Secondly, difficulty in the application of the law is brought out by the 
penomenon of polymorphism i.e. the capacity of the same substance 
to crystallise in more than one form—a fact definitely against the 
fundamental postulates of the law of isomorphism. 


Objections of a graver nature have been urged against the law of 
isomorphism. It has been shown that substances of quite different 
‘composition and number of atoms in the molecule may be isomor- 
phous; example, silver sulphide (AgS) and lead sulphide (PbS), 
ammonium alum and alkali metal alums, (CaCO,) and sodium nitrate 
(NaNO,). It has also been shown that substances having similar 
chemical structure may not be isomorphous. 


It will be seen from the above discussion that the law of 
isomorphism is only an approximate generalisation which breaks down 
in quite a number of cases and therefore would hardly be called a 
law, but its importance lies in the fact that it had very ably rendered 
historic service in the most needful and crucial period of atomic 
‘weight determination. 


X-RAY ANALYSIS OF CRYSTAL STRUCTURE 


Classification of Crystals—The high order of symmetry and the 
serene beauty of crystals must have fascinated the philosophers and 
scientists alike from the earliest times, and extensive speculations 
were ventured about their sturucture. It was quite shrewdly and 

_ rightly guessed that there must be some inner regularity in the arrange- 
ment of the ultimate building blocks, a three-dimensional periodic 
pattern of repetitive units extending throughout the crystal. We 
owe to the geniuses of von Laue (1912), W. H. Bragg and W. L. 
Bragg (1913), P. Debye (1916) and others for a thorough elucidation 
-of the problem with the help of X-rays. 


From an examination of the external geometry of crystals, viz. 
the shape or interfacial angles, it has been found that all crystals can 
be classified under seven systems as shown in the table to follow. A 
crystal can be described with reference to three straight lines, not 
necessarily mutually perpendicular, and all the faces and interfacial 
angles can be expressed with the help of this frame of reference, a,b 


| 
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and c standing for unit length of the three axes of reference and a 
B and y for the angles between them. 


System Axes | Angles Examples 
| 
ie | 
1. Cubic a=b=c | a=ßĝ=y=90° Rock salt, diamond, 
| fluorspar, alums and 
| garnet. 
2. Tetragonal a=b;c 3 White tin, zircon and 
potassium ferrocyanide. 
3, Orthorhombic | aj b3;c sS Rhombic sulphur, pota- 
| ssium nitrate and iodine. 
4. Monoclinic on | a=y=90° ; B+:90° Monoclinic sulphur, borax 
and sodium carbonate. 
5. Rhombohedral | a=b=c | a=B=y+-90° Calcite, sodium nitrate and 
quartz. 
‘6, Hexagonal a=b 3c | a=B=90°; y=120° | Beryl and graphite. 
7. Triclinic a;b;c | a+ ß#y+#90° Copper sulphate and potas- 


sium dichromate, 


From only the external form of a crystal it is not easy to judge 
to which crystal system it belongs. As for example, sodium chloride, 
which belongs to the cubic system and usually crystallises as 


Fig. 24a—Cub*, Octahedron and Prsism. Fig. 24b—Same crystal as an 
a, NaCl; b, alum ; c, KNO, octahedron or a cube. 


‘cubes, may also crystallise as octahedra when allowed to crystallise 
from urea solution. Both these forms belong to the cubic system, the 
octahedron being a cube with exclusive growth of the 111-faces 
(Fig. 24). The external appearance depends upon the mode of 
growth of the crystalline body, i.e. on crystal habit. Thus, if a 
crystal grows predominantly along one axis, it will appear as a needle 
whatever be the crystal system. So, the crystal system can be ascer- 
5 
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tained by a measurement of the interfacial angles and examination 
of the faces, and usually not by its geometrical shape. 


Space Lattice and Unit Gell—On an atomic and molecular level, 
the inside of a crystal is visualised as an ordered assemblage of points 
in space, which are occupied by the crystal-building units. This 
regular array of points constitutes a three dimensional space-lattice (Fig. 
25), and atoms or groups of 
atoms arranged on the space- 
lattice make the actual crys- 
tal. Axes of reference through 
any particular point are so 
chosen that they connect the 
nearest neighbours; and lines 
parallel to the axes are ima- 
gined to connect the array 
of points and thus the lattice 
is divided into small cubicles 
called unit cells. For cubic 
systems the unit cell is a cube. 
The atoms of the crystal are 
so arranged in the unit cell 
that the entire crystal body 
may be looked upon as its ex- 
i Fig. 25—Space Lattice tension in space. 


The Cubic System—Of all types of space lattices the easiest to 
visualise is the cubic system in which the axes are rectangular and of 
equal length (Fig. 26). Atoms can be arranged on this three dimen- 


Fig. 26—Three types of Cubic Unit Cells. 


sional frame-work in different ways and thus different types of cubic 
lattices are possible. Pure geometrical consideration limits the varia- 
tion into only three classes as shown in Fig. 26, : 


_ (a) The simple cubic lattice, where the units occupy only the 
eight corner points of the unit cube; 


ti () The poa yecentead cubic lattice (Caesium chloride structure), 
in which each unit cube contains one building unit at the i 
addition to eight at the corners; and g unit at the centre in 


(c) The face-centred cubic lattice (Sodium chloride structure > 

u ) 

with one unit at the centre of each of the six faces ide: eight 
es besid' S the g 
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Complicated lattices are formed by interpenetration of simpler 
lattices sometimes with some kind of regular recurrence of unoccupied 
lattice points. Thus the complex cubic lattice of diamond is formed 
by two face-centred systems. 


Bala 
109 PLANES 10 PLANES / * tl PLANES 
diooa VZ dios V7 d m : 


Fig. 27—Different faces of a Gubic Crystal. 


The various faces of a crystal of any type are designated by 
rational numbers which are reciprocals of the distances from the origin 
at which a given face intersects the three axes. Thus the number 
111 (called one-one-one) denotes the face that cuts the three axes 
at unit distances (Fig. 27). Similarly, 110 is the name for the face 
that cuts the x- and y-axes at unit distances and runs parallel to the 
z-axis (Fig. 27) and 100 is the fa¢e which cuts x-axis at unit distance 
and is parallel to the other two axes. 


Diffraction of X-rays by Crystals—When a beam of X-rays 
passes through a crystal, each atom in the path acts as a scattering 
centre and emits secondary radiation. At certain angles the scattered 
rays reinforce one another, and at some they destroy one another by 
interference and thus give rise to the phenomenon of diffraction. 
From a study of the diffraction pattern it has been possible to, get a 
picture of the inner architecture of a crystal. 


This is exemplified in the Bragg method which is graphically} 
represented in Fig. 28. The incident X-ray wavefront, AB is reflected; 


Fig. 28—Derivation of Bragg Equation. 


from successive layers. Let @ be the angle of incidence and the angle 
of reflection with respect to the reflecting plane. The beam reflected 
from the first layer. OA’, and that reflected from the_second layer, 
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O’B’ will reinforce each other when they are in phase, i.e. when their 
path difference is an integral multiple of the wave length, A. Now, 
the path difference is BO'B’ — AOA’ =O0'P+0'Q, (OP and OQ being 
perpendiculars on O'B and O'B’ respectively) =OO’ Sin POO’ + OO! 
Sin QOO’ =d Siné +d Sind= 2d Sin#, d being the spacing of the layers. 
So the condition for the scattered rays to be in phase is 

nA=2d Sin@ 


which is'the famous BRAGG EQUATION. In the equation n is any 
integer and its value is called the order of reflection. 


Crystal Structure of Rock Salt (NaCl) by the Bragg Method 
(1913)—Determination of the structure of rock salt crystal by W.H. 
Bragg is historically important in as much as it was the first success of 
the then new X-ray method. The apparatus used by Bragg is shown 
in Fig. 29. It consists of a single crystal mounted at the centre ofa 
revolving table. A monochromatic X-ray beam, produced on a rhodium 
target, is directed on the crystal and the reflected beam is received in 
an ionisation chamber connected to an electrometer. The deflection 
of the electrometer measures the intensity of the reflected beam. 


Fig. 29—Bragg Apparatus for X-ray Crystallography. 


ASTE roata the crystal and measured the deflection of the elec- 
roir £ various angles of incidence of the X-rays. The results are 
3 hon aari: 30, where the intensity of the reflected beam, as measur- 
oat H ae a deflection, is plotted against the angle between the 
in a ee : c reflected beam, i.e. twice the angle of incidence. It 
Cecio ania ee eae a 
g hich evident iti 
where the Bragg equation holds. Re e area ath 
It is known that NaCl i 
} ; l; crystal is of the cubic 
oror the interfacial spacing of the faces 100 pe aa 
the spacing of 111 and 110 faces would be different for simple body- 
> 
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centred and face-centred cubic lattices. The respective values are given 
in the table below. In Bragg’s experimental curves (Fig. 30) the first 


zo 40° 
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Fig. 30—Angular variation of Bragg Intensity for NaCl & Kal 


order maxima are found to appear at different angles of incidence 
for different faces, from which the relative interfacial spacing can be 
calculated for the different faces with the help of Bragg equation. 


Type of Lattice 


Simple cubic 
Body centred cubic 
Face-centred cubic 


Observed Values for 
Sodium Chloride 
Potassium Chloride 


These observed values are also given in the foregoing table. Froma 
comparision of the calculated and experimental values given in the 
above table it is apparent that the rock salt crystal is a face-centred 
cubic one. 


h—— iu 


Fig. 31—Structure of Rock Salt as revealed by X-ray analysis. 
[Actual (left), Gl-, bigger spheres ; schematic (right)] 


Another important point in Bragg’s spectra is that for the 111- 
pane the first order reflection (i.e. for which n=1) is very weak while 
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for the KCl crystal this is absent. These results are also in complete 
agreement with the structure of NaCl as shown in Fig. 31 which 
consists of a face-centred cubic array of Na+ ions and another face- 
centred array of Cl- ions, the two interpenetrating each other symme- 
trically so that each Nat is surrounded by six equidistant Cl- ions and 
vice-versa (co-ordination number six). It is readily seen from Fig. 31 
that the 100 and 110 planes contain equal numbers of Na+ and Cl- 
ions but the alternate 111-planes are built wholly of Nat ions or Cl- 
ions. This creates the interesting situation that when the reflections 
for the 111 Na+ planes are in phase, the reflections for 111 Cl- planes 
are 90° out of phase with the Na+ reflection and so the first order 
reflection is very weak in NaCl due to interference. 


The scattering power of Nat ions is not exactly equal to that of 
Cl- ions and so there is incomplete interference and a weak first order 
reflection is observed. However, in the case of KCl, the K+ ion and | 
the Cl- ion being comparable in size and electronic structure, this 
interference is practically complete and the first order 111-reflection 
is absent, so that KCl appears as a simple cubic structure. 


Once the NaCl structure was established, it became easy to extend 
the method to other crystals with confidence. Thus, KCI structure 
was investigated and found to be similar to that of sodium chloride 
but as explained in the previous paragraph, the scattering power of 
K+ and CI- being about equal, it appears with X-rays to be simple 
cubic. 


In the sodium chloride structure an ion of sodium has six 
chloride ions as its nearest neighbours and vice versa, and so the 
CO-ORDINATION NUMBER of these ions in this structure is said 
to be six. In the closest packing possible, the maximum number 
of spheres which may be packed around a given one of the same size 
is twelve and many elements crystallise in this way consistent with 
the very small interatomic forces in these substances. 


Some Applications of X-ray Crystallography—The above 
work of Bragg laid a sound foundation, and further refinements and 
improved methods have been developed. This has enlarged very 
much our knowledge about the structure of matter, and some simple 
typical structures are discussed below. 


(a) Diamond and Graphite—Though both of them are elementary 
carbon, diamond is cubic whereas graphite crystallises in the hexagonal 


_ system, and this is responsible for their extreme difference in 
properties. 


In diamond every carbon atom is tetrahedrally linked to four 
other carbon atoms (co-ordination number four) at an internuclear 
distance of 1.54A, the same as the carbon—carbon distance in alipha- 
tic compounds. In fact, a diamond crystal may be regarded as a 
giant molecule (macromolecule), each carbon being linked by covalent 
bonds to the neighbouring four carbon atoms. Such a structure is 


responsible for its extreme hardness and high melting point (Fig. 32). 
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Graphite on the other hand is a planar net work of hexagons with 
C—C distance 1.42A, as in benzene. Each plane is separated from 
its next by a distance of 3.41A and so the interplanar forces are 


Fig. 32—Crystal structure of Diamond (left) and graphite (right). 


comparatively weak and this is responsible for the softness and easy 
cleavage of graphite, which makes it suitable for pencil manufacture 
and metal lubrication. 


The structure of diamond, and for that matter of all crystals, is 
too idealised, and real crystals have lattice defects, which may consist 
of single or aggregate vacant sites or some interstitial atoms in the 
lattice. (vide section c below). 


One of the latest (1960) applications of crystals is the employ- 
ment of ruby crystals (z.e. an Al,O3 crystal of which some aluminium 
is replaced by chromium) for constructing LASER, a fascinating 
device which produces a highly directional and highly intense coherent 
beam of almost monochromatic light, so intense that it burns hole 
through razor blades, 


(6) Alloys—X-ray analysis has given us a deep insight and under- 
standing into the structure and properties of alloys and inter-metallic 
compounds. For instance, Cu, Ag and Au are, known to form alloys 
among themselves and with other metals. Up to a certain limiting 
composition these alloys are in a particular phase, called the a-phase, 
and with a further increase in the proportion of the second component 
anew phase, called the B-phase, appears. X-ray analysis has revealed 
that throughout the a-phase the atoms of the second component simply 
replace those of the first in the hitherto existing simple cubic lattice. 
‘As the limiting composition is crossed, a body-centred lattice begins to be 
formed. Thus f-brass, represented by the formula CuZn, has a body 
centred cubic lattice with Cu atoms occupying the centre of the cube 
formed by Zn atoms and vice-versa. ‘Thus alloys may have either 
random occupation of lattice sites or regular occupation characterised 
by a formula, e.g. CuZu, Cu,Au; the latter case is often called 
“superlattice”. Generally, alloys become brittle on heating, a ready 
explanation of which is that the crystalline order is disrupted by the 
increased thermal motion of the atoms. Some alloys are interstitial 
compounds. 
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(c) Non-Stoichiometric and Interstitial Compounds— 
Among non-stoichiometric compounds two well-known examples are 
ferrous sulphide and ferrous oxide, normally written as FeS and FeO. 
Actually all the Fe ions are not Fe?+ but some are Fe®+ and so the 
composition usually being Feg.gg5 to Fe,-995 and Feg.ggO to Fep.9; O 


respectively. So im such crystals some lattice sites of iron remain ; 


vacant as “holes”. Such non-stoichiometric „compounds are called 
Berthollides in honour of the French chemist Bethollet who had 
stubbornly opposed the law of constant proportion. 


Another kind of non-stoichiometry is found in the so-called 
hydrides, carbides, borides and nitrides of transition metals. The light 
elements enter the metal lattice as neutral atoms often with distortion 
of the lattice. They are still called interstitial compounds as originally 
these atoms were thought to be housed in the interstices i.e. the empty 
space within the crystal lattice. Such lattice defects give rise to many 
interesting and useful properties. Water of crystallisation in some 
crystals (not necessarily all hydrates or all H,O of a given hydrate) 
occupies interstitial space. 


(c) Organic Compounds—Proteins, fibres, rubbers and other 
long chain molecules have also received intensive attention from X-ray 
crystallographers, which has helped to arrive at an understanding of 
their orderly internal arrangement. 


X-ray diffraction is also nowadays used for determination of 
structure of organic molecules. It is possible with the help of X-ray 
crystal analysis to make electron density distribution maps of suitable 
organic molecules. Two recent facts of great interest are, that in the 
case of penicillin and Vitamin B,., such maps were made before the 
complete structure was established by the organic chemists. In fact 
these X-ray maps established decisively the chemical structures of 
these complicated molecules, so that organic chemists could attempt 
their synthesis on a sure knowledge of their structure. 


Classification of Crystals according to Bond Types—The 
crystalline structure is due to chemical and quasi-chemical bonds 
existing between the building units, and depending upon the types 
of these bonds crystals can be classified into four general divisions. 


(a) Ionic Crystals, in which the structural units are ions of 
unlike charge, bound together by strong Coulombic forces of attrac- 
tion which supply most of the crystal energy. A typical example is 
the sodium chloride crystal. Due to the strong electrostatic binding 
forces such crystals are hard and have high melting points. 


À (b) Metallic Crystals, in which the metallic bonds (Ch. XXVIII) 
exist. Metals, intermetallic compounds and alloys belong to this 
group. Only positive ions occupy the lattice points and a cloud 
of electrons pervades the inter-ionic space. As is characteristic of 
the metallic bonds, the metallic crystals are highly conducting and 
opaque. 


` 
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(c) Covalent Crystals, in which the bulding units are bound by 
primary bonds and as a matter of fact the entire crystal exists as one 
molecule. Diamond is an example. This structural peculiarity is 
responsible for its extreme hardness, high lattice energy, non-fusibility 
and chemical inertness. Boron nitride (Trade name: Borazon) ob- 
tained from two elements on either side of carbon in the periodic 
table, has, as expected, a diamond-like lattice structure and hardness. 
exceeding that of diamond. 


(d) Molecular Crystals, in which neutral molecules are the 
building units. In such crystals van der Waals forces of attraction 
and, in extreme cases, hydrogen bonding between molecules supply 
the binding energy. Most solid organic compounds come under this. 
class. Due to the comparatively weak binding strength these have 
low melting points. 

Thus from the above discussions, one can perceive what a power- 
ful tool has the X-ray technique been in unravelling the structural 
peculiarities of matter in diverse states of assemblage—from adaman- 
tine crystals to flexible rubbers; and also in making it possible to 
have a pictorial representation of the location of the atoms and the 
space distribution of the electrons which bind them. More recently 
electron diffraction and neutron diffration have been utilised to 
locate the position of atoms in a molecule, electron diffraction being 
capable of locating even the light hydrogen atoms. We can thus say 
that such diffraction studies have added a new dimension to our 
knowledge of the structure of matter. 


EXERCISES 


1. What are the different kinds of allotropy ? Explain with examples. 

2. Write what you know of Dulong and Petit’s law and discuss its merit as a 
method for the determination of atomic weights of elements. Give an account of the 
work which has been carried out in connection with the study of exceptions to this 
law. 

3, Explain with illustrations what you understand by :—(a) allotropy; (b) isomor- 
phous EAN (c) isomorphism; (d) Berthollides. 

4. What is Mitscherlich’s law of isomorphism ? State the uses to which it has. 
been put. How would you defirtitely prove that the suspected case is one of isomor- 
phism. Point out any apparent exceptions to the law. 

5, Explain what is meant „by ‘almost all the atomic weights can be deter- 
mined through isomorphic relations.’ : 

6. Discuss the difference between allotropy and isomorphism. 

7. Write notes on :—enantiotropy, monotropy, dyanamic allotropy, transition 
temperature, space lattice and unit cell. 

8. Discuss cubic system of crystal structure and describe how the structure ofi 
rock salt was determined with the help of X-rays. 

9. Write short notes on :—(a) crystal structure of diamond and graphite, 
(b) alloys, (e) interstitial compounds and (d) classification of crystals according to 


bond types. 


CHAPTER VII 


PHYSICAL PROPERTIES IN RELATION TO 
MOLECULAR STRUCTURE |. 


Intensive and Extensive Properties—The physical properties 
of a system can be classified into two types, viz., intensive and exten- 
sive. Intensive properties are those whose values are independent of 
the quantity of matter contained in the system, for example, tempera- 
ture, refractive index, density, etc. Whether one considers one pound 
or ten pounds of a given system at uniform temperature, its refrac- 
tive index is the same in both the cases and so, refractive index is an 
intensive property. 

There are other properties, called extensive properties whose 
values are proportional to the mass of the portion of the system under 
consideration, for example, volume, internal energy, etc., The volume 
of ten pounds of matter is certainly ten times the volume of one pound 
of the same matter under identical conditions and so, volume is an 
extensive property. Any extensive property if expressed per mole 
or per gram basis becomes an intensive property. Most of the pro- 
perties we shall study in this chapter are intensive properties. 


Additive, Constitutive and Colligative Properties—Physical 
properties per mole are partly additive and partly constitutive, i.e. its 
total value per mole is the sum of the values which can be assigned 
to the constituent atoms in the molecule plus some corrections made 
for the chemical constitution or structure of the molecule. Physical 
chemists have bestowed a good deal of attention to find out the atomic 
values and the structural influences for various properties in order 
to be able to predict the value of a property of a molecule of known 
structure. Such attempts as we shall presently see, have had only 
limited success and so this type of empirical investigations hardly 
receive any serious attention of modern physical chemists. 


There are some properties which are called colligative because 
they go together. This term is specially applied to vapour pressure 
lowering, osmotic pressure, freezing point depression and boilirg 
point elevation, as these properties for a solution are closely inter- 
related, being directly dependent on the number of dissolved units 
per cc. in solution and independent of their chemical nature. 


SPECIFIC AND MOLECULAR VOLUME 
The volume in c.c. occupied by one gram of any substance is 
called its specific volume and the volume occupied by one gram mole- 
cule is called molar volume. So, if the density be d and the molecular 
weight, M, we have 
À I 
Specific Volume=—7c.c./gm; Molar Volume = c.c./mole 


Kopp (1842) was the first to undertake systematic investigation 
on the molar volumes of liquids. He measured the molar volume of 
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liquids at their boiling points under atmospheric pressure and found 
that, in any homologous series, the molar volumes of two successive 
members differed by a constant amount corresponding to the group 
CH,; this pointed to the fact that perhaps every atom or group has 
a characteristic molar volume, and in compound formation these 
values of their molar volumes are retained. He enunciated this as 
a law called KOPP’S LAW which may be stated in the following 
way:—‘‘'he molecular volume of a liquid is equal to the sum of the atomic 
volumes of the constituent atoms” 


The volume ascribed to one atom of any element is called its 
atomic volume and these values of atomic volumes are not the same 
as the true atomic volumes of the free elements. The atomic volumes 
of some common elements are C=11.0; H= 5.5, = O(in ketone, 
etc.) =12.2; = O(in acids) =11.0; >O (ethers)=7.8 to 11.0; 
N=15.6; N (in amines) =12.0; etc. 

Ihis law is only approximately true, the, atomic volume of the 
same element changing markedly with its mode of combination. Also 
according to.Kopp’s law, we would expect two isomers to have the 
same molar volumes, which is far from being true, but generally 
speaking, the agreement among the values of two isomers as also 
that calculated from Kopp’s law is within 5 per cent. So, the molar 
volume is not strictly additive but rather a constitutive property. 


SURFACE TENSION 


The Nature of Surface Tension—The molecules of a liquid 
attract each other and the force of attraction falls off rapidly with 
the distance, and so it may be regarded that there is a sphere of attrac- 
tion for each molecule which will attract other molecules if they fall 
within this sphere of attraction. A molecule which lies entirely inside 
the liquid is attracted equally from all J 
sides, since its sphere of attraction lies 
completely inside the liquid as a result 
of which there is no unbalanced force 
remaining on it.` On the other hand, a 
molecule on the surface layer has got the 
liquid only on one side of it and so will 
be attracted by all the molecules in its 
sphere of influence towards the interior 
of the liquid (Fig. 33). It is therefore 
acted upon by a force which tends to 
drag it in the interior of the liquid. This 
unbalanced forcewillgradually diminish 
with the depth and will vanish below a 
depth just equal to the radius ofattrac- Fig. 33—Molecular Attraction 
tion of the molecules. So it appears that inside a Liquid. 

a thin layer on the surface is under a ve 
state of tension and work is to be done in bringing molecules from 
the interior to the surface i.e. in increasing the surface area. 


` 
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Definition of Surface Tension—It is thus seen that every liquid 
behaves as if it were enclosed by a skin or membrane, which always. 
tends to contract so as to keep the liquid under tension. Imagine that 
a cut of 1 cm length is made in the surface membrane, (the mem- 
brane of course does not exist, but the liquid behaves as if it does) ; 
there would be a force which is equal to the surface tension on each 
side of the line tending to open the slit. It is just like a sheet of rubber 
stretched across the top of a beaker. Ifa slit was to be made in the 
rubber, which was still kept under the same tension as before by some 
mechanical means, there would be a force on each side of the slit tending 
to open it; this force is the surface tension. 


The surface tension therefore, is defined as the force in dynes 
along the surface acting at right angles to any imaginary line on the ` 
liquid. So its unit is dyne per cm. However, the amount of work 
that has to be done to create unit area of surface is numerically equal 
to the surface tension and so surface tension can also be expressed as 
work per unit area of surface, and therefore in erg per sq. cm. Note 
carefully that surface tension is not a pressure on the surface, but is: 
a force along the surface acting at right angles to any imaginary line 
on the surface. 


It is the existence of surface tension which imparts spherical shape 
to rain drops, can keep needles floated on water and causes capillary 
phenomenon. The surface tension values in dynes per cm (=erg per 
sq. cm.) of some well known liquids are given below. 


Temp. °C Water Alcohol Benzene Acetone 
ora 75.64 24.05 31.58". 26.21 
20°C 72.75 22.27 28.88 23.70 
40°C 69.56 20.60 26.26 21.16 
80°C 62.61 ow 21.26 16.2 
100°C 58.85 15.47 18.08 aa 


Methods of Determining Surface Tension—Any phenomenon 
associated with surface tension affords a ready means for measuring its 
values. Thus, the weight of a drop falling from a capillary, the pres- 
sure inside a bubble in the liquid, etc., have been employed to calculate 
surface tension. But the most frequently used method is the deter- 
mination of the rise of a liquid in a capillary tube, where the surface 
tension y is given by the equation, 


y=hhpg .. 32 soe wes 
p being the density, 4 the height of the liquid rising inside a capillary 


of radius r and g, the acceleration due to gravity. For details, any 
text book on general physics should be consulted. 


Variation of Surface Tension with Temperature—The 
surface tension of a liquid in contact with its vapour decreases with rise 
of temperature and necessarily becomes zero at the critical temperature. 
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Eötvös (1885) deduced theoretically that molar surface energy, y [e] 
d 


of a liquid should be a linear function of temperature, where M is 
the molecular weight, d, the density of the substance and y, the surface 
tension. Later, Ramsay and Shields in 1898 experimentally verified 
the same and found that the following equation is valid for many 
liquids within a few degrees of the critical temperature. r 


7 E =K (T, — T — 6) (Ramsay and Shield’s equation) .. 7.2 


where K is a constant, called Eötvös constant, which is approximately 
equal to 2.12 for many liquids and T,, the critical temperature. It 
is believed that for all associated liquids, the value of the constant, 


K, differs from 2.12, 


Molecular Weight from Surface Tension—The calculation of 
molecular weight from the above equation is illustrated below. This 
method however is obsolete and is of historical importance only. 

EXAMPLE—The value of surface tension for benzene is 30.2 dynes per cm at 10°G and 
28.2 at 55°C, the density of benzene at 10°C being 0.890 and at 25°C being 0.874. 

Take the general case where y, and d,, are the surface tension and density at 
temperature, T}, and As, and dy the corresponding values at T4. 


Sole (G) =n, — T, —6) and ya GY =2.12 (T, — Ta — 6). 


Subtracting one equation from the other, 


A G = GY =2.12 (T, — T;,) 


Or, mi f» (a) Gje (T: — T) 


2.12 (Ta — Ts) 3 
On M-A ANIN STS 
Yı G) Ya (z) i 


Substituting the values of T,, Ts; dı, dz and yı, Ya in the above equation we get 
78.8 for moleculer weight of benzene comparing very favourably against the theoretical 


value 78. 
Parachor—The variation of surface tension with temperature 
can however be more accurately expressed by McLeod equation, 
y=k[p —d]t 
where D and d are the densities of the liquid and its vapour respec- 
tively, y the surface tension and k, a constant called McLeod constant 
which is characteristic of the liquid and is independent of the tempe- 
rature. If M is the molecular weight.of the substance, the parachor 
P is defined by the equation, 
z My} 
as ey, 
FA SD dersave KRAE EE A 
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i.e. the parachor.is the fourth root of the McLeod constant multiplied by the 
molecular weight of the subsance. 


Atomic & STRUCTURAL PARACHORS 


Atoms Parachor 


Carbon . Double bond 
Hydrogen K Triple bond 


Oxygen Semipolar bond 


Oxygen in esters s Benzene ring 

Chlorine i Naphthalene ring 
Bromine i 5-Membered ring 
Nitrogen . 8-Membered ring 


If the density of the vapour, d is neglected in comparison with 
the density of the liquid the above equation can be written as 


Myt 

PaDeadigts 
where V is the volume occupied by one mole of the liquid. If the 
temperature is such that the surface tension is unity, the parachor 
becomes equal to the molar volume and hence the parachor may be 
regarded as the molar volume of a substance when its surface tension is unity. 
Therefore, by comparing the parachors of various liquids, we are really 
comparing their molar volumes under unit surface tension. 


7.5 


Sugden showed that the parachor of a compound is an additive 
property and there are definite values associated with each atom 
depending on the particular way in which it is attached. Some of 
the values of parachors are recorded in the foregoing table. Since 
double bond, triple bond and coordinate covalent bond have definite 
values of parachor, it is sometimes possible to differentiate between the 
possible structures by parachor measurement. As an illustration we 
can calculate the parachor of nitrobenzene. According to the classical 
view of pentavalency of nitrogen, nitrobenzene has the structure, 
van 

whereas this is considered impossible by the Lewis octet 
No 
theory of valency (Ch. XXVIII) since this structure will necessitate 
ten (five pairs). electrons round nitrogen. The alternative structure 


CHN: 


O 
is CHN where the bond shown by the arrow is a coordinate 
O 


„covalent i.e. semipolar bond, ‘formed only by one pair of electrons 
contributed by nitrogen. The calculated parachor for the first struc- 
ture is 283.9 and for the second structure is 264.1. The observed 
value is 264.5 which admirably agrees with the second structure. 
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N.B. The student should note that parachor, molar volume, 
ctc. have outlived their days of glory, and modern chemists will have ~ 
none of such equivocal things. Just as ‘bow and arrow’ have given 
place to cannons and bombs, parachor and the like have made room 
for the far more powerful methods such as I.R., N.M.R., X-ray, etc. 
to decisively settle structural questions. 


VISCOSITY OF LIQUIDS 


The Concept of Viscosity—When a liquid flows, each portion of 
the liquid experiences a‘resistance to flow when flowing past another 
portion, somewhat similar to the friction between two solid surfaces. 
Viscosity of a liquid is a measure of this ‘internal friction of a liquid’ 
and it determines the rate of flow of a liquid. Evidently, honey and 
molasses should have higher viscosity than water. - 


The idea can be easily grasped and quantitatively formulated 
from the simple picture of a liquid flowing in contact with a plane 
surface, P as shown in Fig. 34. There are two important points „to 
be noted in this flow process. 


Firstly, the plane surface RS iPS tea 
would experience a tangen- A ATE Eat A, E AN 
tial force parallel to the di- 1 c |T mN LL 
rection of flow and would Foil Pee ena Sec paren ce va a 
tend to move along the line BES pCR AARC! Meare eae 
of flow unless pegged down ches esi FS ee ee 
firmly. The second feature of 38- - +> —- -> - -~- => 
this flow process is that there SA — —>— Tangential force- —> — 


is a gradient of velocity of V = 0 GE A S E 
flow established at right 

angles to the direction of Fig. 34—Viscous drag on a fixed surface 
flow; in other words, the by a flowing liquid. 

velocity of flow is zero on i 

the stationary plane surface, P, and increases continuously as we move 
up into the liquid at right angles to the direction of flow. Evidently, 
this tangential force on P depends on the area of the surface and on the 
velocity gradient. This tangential force per unit area per unit velocity 
gradient is called the coefficient of viscosity of the liquid, or simply, viscosity 
and is denoted by 7. Evidently, viscosity governs the flow property 
of a liquid, the higher the viscosity the lower is its tendency to flow. 
The above concept Of viscosity applies even when the stationary surface 
is absent, that is, in the interior of a flowing liquid and so viscosity 
is generally formulated as follows, 


Tangential force 


Coefficient of Vicosity, 1S Reeaxcvelociaeratient® 


Since the unit of force is dyne, that of area is square cm (cm?) 
and that of velocity gradient is cm per second per cm (Sec), the 
unit of viscosity is dyne-second per square cm. ‘This unit is called a 
poise, after the name of Poiseuille, who first made systematic study 
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of liquid flow through capillaries. The viscosity of water at room 
temperature is about 1 centipoise whereas that of glycerine is about 
800 centipoise. 

The value of viscosity as defined above is called absolute viscosity 
and also less frequently, dynamic viscosity. In industry, however, 
kinematic viscosity, defined as absolute viscosity divided by density, 
is more commonly used. a 


Experimental Determination of Viscosity—The most frequ- 
ently used method of determining liquid viscosity is based on the 
determination of time of flow of a given volume of a 
liquid through a length of capillary tubing.and to 
compare this time of flow with the time of flow of 
the same volume of another liquid of known viscosity. 
An apparatus in common use for this purpose is the 
Ostwald viscometer (also called viscosimeter), a form 
of which is shown in the digram, (Fig. 35). 

A known volume of liquid is pipetted into the 
lower bulb B of the viscometer maintained at con- 
stant temperature by immersion upto the neck in a 
thermostat. The liquid is pushed up into the upper 
bulb A by gentle blowing and is allowed to flow under 
gravity to the lower bulb through the capillary. The 
time required for the liquid meniscus to pass between 
the two marks is determined with a stop watch. The 
time of flow is also determined for a liquid of known 
viscosity, say, water. If all the requisite precautions 
are taken, the absolute viscosity is proportional to 
the time of flow multiplied by the density 1.0. 


méh 


Fig. 35— Sa 30 . 7.6 
Ostwald 12 tails 
Viscometer and šo the viscosity of the experimental liquid is 


- easily computed. Ifthe density terms are ignored in 
this equation, kinematic viscosity is obtained. 


Viscosity Values 'and their Importance—Viscosity is an impor- 
tant determining factor in many properties concerning liquids, for 
example, the rate of fall of a solid through a liquid and also the rate 
of rise of a bubble through a liquid, the rate of flow of a liquid 
through an orifice or through a tube, any kind of movement of a 
solid inside a liquid and so on. Viscosity however, affects only the 
rate and not the final position of equilibrium in any of these pro- 
perties because in its definition there is a time factor involved and 
so this property is called a rate property and such a process, a “rate 
process”, as opposed to an equilibrium process. 


The viscosity of ordinary liquids extends over a wide range, for 
example, from about two millipoise for ether to about ten poise for 
glycerine at nearabout room temperature. Water has a viscosity of 
about one centipoise near room temperature. Liquid Helium II (P. 52) 
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though a liquid has the unusual property of having a viscosity at least 
a million times less than that of water. 


Viscosity and Temperature—The viscosity of liquids generally 
decreases with rise of temperature, t.e. a liquid becomes more free-- 
flowing at higher temperature. This is in sharp contrast with the: 
behaviour of gases whose viscosity increases with rise of temperature. 


. This indicates that the mechanism in the two cases is quite different. 


In gases it isa momentum transport phenomenon from layer to layer, 
caused by the kinetic motion of gas molecules which has been 
likened to the jumping of a group of people from one train to another 
to and fro, between two trains in parallel unequal motion; it is evident 
that such groups would retard the motion of the faster train relative 
to the slower ones. In the above analogy, raising of temperature may 
be simulated by more frequent to and fro jumps by the group of people; 
this would cause more retardation, 2.e. higher viscosity. Liquid 
viscosity on the other hand is due to internal cohesion or intermole- 
cular attraction and so decreases with rise in temperature. It is 
good that it is so, because in fever increased circulation of blood is very 
desirable, and it is made possible without any undue strain on the 
pumping mechanism of the heart by this lowered viscosity of blood. 


OPTICAL ROTATION 


Specific and Molecular Rotation—Many substances, notably 
some organic substances occurring in nature, viz., sugars, acids, alka- 
loids, amino-acids, etc. have the peculiar property that if a plane 
polarised ray traverses such a medium, the plane of polarisation is. 
turned through a certain angle. Such substances which rotate the 
plane of polarisation are called optically active. Those which turn 
the plane of polarisation to the right are called dextro-rotatory and 
those which turn the plane of polarisation to the left are called laevo- 


rotatory. 

For purpose of comparison, the results are usually expressed in 
terms of specific rotation [a] for a fixed temperature and particular 
wave length (say, the sodium light), the specific rotaroy power for 
a pure liquid being given by the equation, 


t a 
[], =a FO ae cre Be Ves 


\ 
where GA is the specific rotatory power at a temperature t°C., and 


for the wave length of sodium D line, / being the length of the column 
of liquid in decimeters through which the light traverses and d is the 
density. For solutions, concentration ¢ (grams/cc) is substituted for 
density (eqn. 7.84) and molecular rotation is given by eqn. 7.85. Optical 


t a t MaS 
(a) [2], =7,3 O) Laud, =T BS 178 
activity is usually measured by an instrument called the polarimeter, 


6 
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a full description of which is available in any text book of practical 
physical chemistry. Optical activity is often utilised for a rapid and 
accurate estimation of optically active compounds such as sugars, 
alkaloids and the like. For such purpose polarimeters are extensively 
employed in sugar factories. 


Optical Activity and Chemical Constitution—That optical 
activity of organic compounds is due to some kind of asymmetry was 
vaguely pointed out by the great French chemist, Louis Pasteur, but 
the real credit of the discovery of the true cause goes to van’t Hoff 
and Le Bel (1874). Van’t Hoff suggested that the four valencies of 
a carbon atom are directed towards the angular points of a regular 
tetrahedron, the carbon atom occupying the centre. If all the four 
groups are different the central carbon atom is called an asymmetric 
carbon atom and it is easy to show by means of spatial models that 
there are two ways of arranging these four groups about the asym- 
metric carbon atom, giving two isomeric molecules which are mirror 
image to each other and cannot be exactly superimposed on each 
other. This is quite similar to the case of right hand and left hand 
which are asymmetric and cannot be superimposed on each other, 
i.e. cannot occupy the same place in space. The two forms will be 
jdentical in chemical and physical properties except that one form 
will rotate the plane of polarisation to the right and the other to 
an equal degree to the left. In support of this theory it has been 
found that all organic compounds containing at least one asymmetric carbon 
atom can exist in both dextro and laevo-rotatory forms, but still now, there is 
no way of theoretically calculating the extent of rotation. 


This type of optical activity arising out of molecular asymmetry 
exists not only in carbon compounds but may also exist in almost all 
compounds of suitable structure containing multivalent (four or more 
valent) elements. Thus, optically active compounds of cobalt, plati- 
num, silicon, tin, etc. have been prepared and studied. 


Many transparent substances such as water, alcohols, etc. though not ordinarily 
optically active, can rotate the plane of polarisation if placed in a strong magnetic 
field, such rotation being called magnetic rotation. Perkin showed that this magnetic 
rotation is largely an additive property. 


REFRACTION OF LIGHT 


Specific Refraction—The refractive index of a liquid varies 
with temperature and in order to arrive at some measure of the 
refractive power of a liquid which is independent of temperature, 
Lorenz and Lorentz (1810) from purely theoretical reasoning arrived 


-at the following expression for the specific refraction constant, T, and 
the molar refraction, R=Mr. 


=e a REM see oes 


where p is the refractive index and d is the density. 
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Specio REFRACTION Consrant or Ligums (c.c) 


F 


i 1 


Substance 


a 


Liquid 


Water 0.3101 
cs, 0.4347 
CHCl, y 0.2694 


The value ofr arrived at from this formula holds constant for a fairly 
wide range of temperature and is equally valid for the liquid and the 
gaseous state. The foregoing-table, quoted from the work of Brühl, 
illustrates the above points, the wave length used being that of the 
D line for sodium. 


Atomic and Molecular Refractivity—The product of the speci- 
fic refraction and molecular weight is called molecular refraction, R, 
as given by the formula shown above. Brühl assigned a refraction 
value to each kind of atom depending on its mode of linkage and 
called this atomic refraction. He further showed that the molecular 
refraction of any substance is fairly accurately given by the sum of 
the atomic refraction values of its constituent atoms, plus the refrac- 
tion for constitutive features, such as double bond, etc. The atomic 
refractions of some common elements are as follows: Hydrogen, (H) 
1.051; Hydroxyl oxygen, (O) 1.21; ethereal oxygen, (O) 1.683; 
Ketonic oxygen, (=O) 2.287; doublebond, 1.709; chlorine, (Cl) 5.998; 
carbon, (C) 2.39; etc. Refraction values were used at one time as 
evidence to settle structural questions but now this is obsolete. 


ABSORPTION OF LIGHT 


General Description—If a ray of light is passed through any 
transparent medium, a portion of the light may be absorbed. The 
amount of absorption depends, among other factors, on the nature 
of the medium and on the wave length of the light passing through 
the medium. For example, a coloured solution absorbs visible light 
and, in fact, that is why it appears coloured. On the other hand, 
‘benzene, which has no absorption in the visible and so is colourless, 
absorbs strongly in the near-ultraviolet. Had human eyes been 
sensitive to this region of the spectrum, benzene would have appeared 


intensely coloured. 


Mechanism of Light Absorption—The question naturally arises 
as to what happens to the absorbed light. The essential point to be 
understood is that light is composed of quanta, i.e. small packets of 
energy. The value of the quantum of energy of light of frequency 
@ is fv,.and so it is,evident that higher the frequency, higher is the 
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energy contained in the quantum. The absorption of a quantum of 
light by a normal molecule (called a molecule in the ground state) 

increases the energy content of the molecule. In the terminology of 
spectroscopists this is expressed by saying that by absorption of a 
light quantum a molecule in the ground state is raised to an excited state. 
The excitation may be of three kinds. 

} Ultraviolet & 


(1) Electronic excitation Visible 


(2) Vibrational excitation 
| Infrared 


(3) Rotational excitation 


Electronic excitation means raising of an electron to a higher energy 
Jevel and it requires the largest quantity of energy; next in energy 
requirement is vibrational excitation and the least is rotational. 
excitation. Absorption in the visible and ultraviolet is associated. 
with electronic excitation often accompanied by vibrational and rota- 
tional excitation. On the other hand absorption in infrared causes. 
vibrational and rotational excitation, as infrared is energetically 
too weak i.e. (hv) is too small, to effect electronic excitation. i 


The excited molecule is far more active than the normal mole- 
cule and it may either revert to the normal state through cascading: 
down the energy level ladder to thermal equilibrium, or under suitable 
condition may react chemically (vide Chapter on Photo-chemistry). 
We shall discuss below two very important applications of light 


absorption. 


(a) Analysis by Light Absorption—Analysis by light absorp- 
tion depends primarily on Beer-Lambert law which is formulated as. 
follows. If a beam of light of intensity Ip, passes through a solution. 
of concentration ¢ contained in a transparent cell of thickness d, the 
emergent beam'will be weaker in intensity than the incident beam. 
Tf the intensity of the emergent beam is I, it is given by the follow- 
ing relation known as Beer-Lambert law or simply Beer’s law. 


I= e Mi & A T7 
or in (I/I) = — Acd te ss pees 


where À is a constant for a given system. From equation 7.10 it is. 
seen that absorption is not proportional to concentration, i.e. doubl- 
ing the concentration does not bring about double absorption. The 
intensity of the transmitted light decreases exponentially with con- 
centration, i.e. for the same cell with equal increment in concentration: 
the transmitted intensity falls in geometric progression. The same 

e of exponential fall in intensity also takes place with increase of 
cell length at constant concentration. To avoid complications due to: 
exponential nature of the relation, Beer’s law is generally used in 
the logarithmic form after conversion to base 10 when it becomes 


log Io/I=(à/2.303) dc. <. Ps sot IE 


9900 6000 
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On writing O.D. (optical density, also called absorbance) for log I/I 
and e, for à/2.303, e being a constant called molar extinction 
coefficient or molar absorptivity provided ¢ is expressed in molarity, 

' we obtain the shortest statement of Beer’s law, viz. 
[O.D.] = ede where [O.D.] = log I,/I Be ert; 


This is the, most important equation in colorimetry. It would be 
seen that optical density (O.D.) is proportional to concentration. 
Hence, the optical density at some known concentrations of the 
substance to be analysed is plotted against concentration to obtain 
a calibration curve, which according to equation 7.13 should be a 
straight line passing through the origin. By measurement of the 
optical density of the solution of unknown concentration its concentra- 
tion is easily obtained from the calibration curve. This principle 
is extensively used in colorimetric estimation. 


NB. Note that I, is always greater than I and so O.D. is always 
greater than zero. Note also that O.D.=1 means that the emergent 
light is one-tenth as intense as the incident light. 


(b) Infra-red Absorption and Chemical Constitution—No 
single tool has had a more dramatic impact on the modus operandi of 
organic chemists than the instruments for infra-red measurements 
recently commercially developed to a state of perfection suitable for 
routine laboratory use. Undoubtedly this is due to the simple and 
unambiguous interpretation of I.R. absorption data correlating them 
with the presence of functional groups in an organic molecule, so much 
so, that I.R. absorption curves are often called the “finger prints” 
of organic molecules, and are extensively used for identification of 
organic molecules as a routine laboratory prodcedure. 

Frequency, cm~? y 
3000 2300 2000 1900 1400 1300 1200 1100 1000 900 800 100 


mono- 
c—o substd. 2 


stretch benzene 


Wavekagth, a 
Infrared Spectrum of Benzyl Alcohol 


Absorption in the infra-red is linked with rotation and vibration 
of atoms or groups of atoms in a molecule, and unlike absorption in 
the visible and ultra-violet, does not involve any direct electronic 
excitation. Consequently, the infra-red absorption is very charac- 
teristic of the structure of a molecule. In fact, it is possible to corre- 


sou IUSUeS) JUI 
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late infra-red absorption in a certain region with certain chemical! 
group; for example, the C=O group has an absorption peak at 
about 5.8 (micron), the -OH group near 3.1 and so on, and these 
absorption peaks are only slightly shifted by the presence of other 
groups in the molecule. Hence, the presence of certain groups. 
in a complicated organic molecule can be identified with a fair degree 
of certainty by a study of its infra-red absorption spectrum (called. 
I.R. absorption). I.R. absorption of organic compounds can be 
measured either in the dissolved state or in suspension. The method. 
is so dependable for identification purpose that it has nowadays 
become a routine method in synthetic organic chemistry, ,specially,. 
to prove the presence or absence of functional groups in an unknown. 
molecule. > 


Microwave spectra (i.e. of much longer wave length than the 
usual I.R., A in the centimeter region) are also much used nowadays. 
particularly to scan the cosmos. In fact within the last few years. 

. microwave spectra have been of help to identify the existence of many 
interstellar (i.e. in outer space) molecules, e.g. H,, CO, CS, CN, OH, 
SiO, etc. a 


ELECTRICAL PROPERTY 


Introduction—Whenever two equivalent amounts of positive 
and negative electricity are separated by a distance they are said to 
form a dipole and according to standard derivation in electrostatics 
such a dipole has a dipole moment, el where e is the value of each 
of the charges which are separated by a distance, /. Dipole moments 
may be of two kinds, (i) induced dipole moment and (ii) permanent 
dipole moment. These are discussed below. 


Induced Dipole Moment—When a substance is placed in an 
electric field, say, between the plates of a charged condenser, the 
molecules experience a kind of electrical stress which tends to separate 
the positive charge from the negative charge inside the molecule. In 
other words, though normally the centre of positive charge in the 
molecule might coincide with the centre of negative charge in the 
molecule, under this electrical field the molecule would show a 
separation of charge. Hence, the applied electric field is said to 
have polarised the molecule which has now a definite induced dipole 
moment, though normally it has zero dipole moment. 


Diple Moment—So far we have regarded that the molecule 
normally has no dipole moment and this is induced in the molecule 
only under the influence of the electric field. It is however, possible 
that some molecules have already an electric dipole moment inherent 
in their structure. Let us consider the case of the molecule, H : Cl. 
We know that there is a pair of electrons which binds the hydrogen 
and chlorine by a covalent bond. However this electron pair is not 
exactly at the middle of the molecule but will be drawn closer to 
chlorine than to hydrogen, since chlorine is more electronegative 
(electron-attracting) than hydrogen. This will cause the hydrochlorie 
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acid molecule to have a permanent dipole moment in addition to that 
to be induced by an external electric field. This kind of permanent 
polarisation is called orientation polarisation of the molecule and the 
associated permanent electric moment is called the dipole moment, 
p of the molecule. So, dipole moment is a measure of the permanent 
electron drift within a molecule and is measured by the product el where 
e is the net positive or negative charge within the molecule separated 
by a distance J. ‘ 


Dipole Moment and Molecular Structure—There are various 
methods of determining dipole moments which however will not be 
given here. The following table contains data on dipole moments for 
a few compounds. Compounds which have zero or almost zero dipole 
moments. are called NONPOLAR compounds, whereas compounds 
with appreciable dipole moments are alled POLAR compounds. 


DIPOLE Moments 


Inorganic Compounds Organic Compounds 
Ha, Na, Cla, Bra ` 0 Methane ethane 
COs, CSa, SnCl, Ethylene, acetylene 
HCI “| 1.03D* || Carbon tetrachloride 
HBr 0.78 Benzene, napthalene 
HI 0.48 Methy] chloride 
H,O 1.84 Methyl bromide 
H,S 1.10D alcohols 

GO 0.10 ethers 

NH; 1.46 ketones 

SO, 1.6 chlorobenzene 

PH, 0.56 nitroben ene 

H,O: 2.1 benzonitrile 


*Note that the dipole moments are given in Debye units (D), which is 10-18 
electrostatic unit. This is the right order of magnitude because the electronic charge 
is of the order 10-1 electrostatic unit and the inter-atomic distances are of the order 
of 10-8 cm; therefore, the moment which is their product will be of the order of a 
Debye unit. i | 

It will be observed that compounds like carbon disulfide or carbon | 
dioxide or carbon tetrachloride which we know from considerations: 
about the symmetry of the molecule or the electro- i 
negativity of the constituent atoms to be non- @)-©-©) 
polar, have zero dipole moments. It should also { 
be noted that the dipole moment of water is not ‘ 
zero, which shows that the three atoms are not 
in one line. In fact, it has been shown by other 
physical methods that the three atoms in a 
water molecule are arranged on the corners of a 
triangle, the OH bonds forming with each other 
an angle of about 104°. | Similar remarks also Fig. 36—The shape 
apply to HS. In fact it has been empirically gi C5, CO, and 
found that triatomic molecules of the type AX, | a molci 
is linear if A has no unshared electrons and is, triangular if A has 
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unshared electrons. Also, NH, molecule has a high dipole moment 
showing that it is not a triangular structure with the nitrogen at the 
centre in one plane but actually it has almost a tetrahedron-like 
structure, nitrogen being at the centre, the hydrogen atoms occupying 
three corners and the fourth corner being vacant. 


THERMAL PROPERTIES 


Heat of Vaporization and Trouton’s Rule—Trouton pointed 
out an interesting relationship between heat of vaporization and 
boiling point. This relationship is generally known as Trouton’s 
rule and is expressed as 


L 
T =21 

where Ty is the boiling point of the liquid in the absolute scale and 
L, the molar heat of vaporization. In other words, the molar heat of 
vaporization of a liquid is directly proportional to its absolute boiling 
point. We shall see later in the chapter on thermodynamics that heat 
absorbed reversibly divided by temperature is to be called entropy, 
and so the thermodynamic interpretation of Trouton’s rule is that 
the entropy of evaporation i.e. increase of disorder on evaporation of all liquids 
is nearly the same. 

This relationship holds fairly well with unassociated liquids but 
does not hold good with associated liquids like water, alcohols, acids, 
etc., as will be seen from the following table. This rule can be deduced 
thermodynamically from Clausius-Clapeyron equation with some 
assumptions. 


TROUTON’S RULE FOR Ligums 


TAS Molar Trouton 
Liquids Latent Heat, L | Boiling Point, T, Constant, L/T, 
Helium 22 4.2°K 5.2 
Hydrogen 216 20.4 10.6 
Oxygen 1,630 , 90.1 18.0 
Methane 1,951 108 18.0 
J Hexane 6,996 342 20.0 
| Carbon tetrachloride 7,140 350 20.4 
| Benzene 7,497 353 21.2 
| Acetone 7,238 330 21.9 
i Water 9,700 373 26.0 
| Ethyl Alcohol 9,448 351 26.9 
Ethylene Glycol 11,760 470 25.1 
Acetic Acid 5,787 391 14.8 


. Boiling Point and Critical Temperature—In this connection it 
is of interest to observe that the boiling points of all liquids are approxi- 
mately two-thirds of their critical temperature, both temperatures 
being expressed in the absolute scale. In other words, all liquids 
at the boiling point are at nearly corresponding temperature. This 
was first observed by Guldberg (1910) and is sometimes referred to as 
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Guldberg rule. This relation is only approximately true as the 
observed value of T/T. is found to lie within the range 0.60 to 0.70 
instead of being equal to 0.67 (=2/3). Some typical values are 
collected in the following table. 


BOILING POINT AND CRITICAL TEMPERATURE (Guldberg Rule) 


Boiling Point, Critical T,/Te 
Substance oR Temp. °K 

Hydrogen 33.2 0.614 
Oxygen 154.3 0.583 
so, 430.2 0.611 
H,O 647.3 0.576 
Benzene 561 0 629 
Octane 569.2 070 
Decane 603 074 
Ether 467 0 661 
Methyl alcohol 513 0 662 
Octyl alcohol 658.5 0.712 


EXERCISES 


1. Write short notes on—(a) colligative property, (4) asymmetric carbon atom, 
(c) Kopp’s Law, (d) parachor. ` 
2. How is molecular weight determined from surface tension data ? 


3. Define the following—(a) specific refraction, (b) specific rotation, and (c) atomic 
refraction. 

4, How is the absorption spectrum of a substance utilised in determining its 
chemical constitution ? 

5. Explain and illustrate the following :—Non-polar molecules, polar molecules, 
dipole moment and orientation polarisation. Whatisthe usual unit of dipole moment 
and indicate how this is theoretically derived. 

6. Whatare intensive and extensive properties ? Discuss the same with reference 
to the following properties, viz., viscosity, surface tension, surface energy, pressure, 
volume and dipole moment. < 


7, What are colligative properties ? 

8. Write down the units of all the properties you have studied in this chapter and 
their numerical values for water. 

9. Methyl alcohol at 15°C has a density of 0.796 gms. per c.c. and a refractive 
index of 1.331. Calculate its molar refraction and compare it with the value cal- 
culated from atomic refraction table (P. 83). [8.23] 


HBr is 1.42 Angstroms. Calculate what would be its 


10. The bond length of HB: ms. | 
dipole Aree it wae Se the completely ionic form (the value of electronic 
[6.82D] 


charge is given opposite (œ 


PARAT 


THERMODYNAMICS AND PHYSICOCHEMICAL. 
EQUILIBRIA 


Die Energie der Welt ist konstant. Die Entropie der Welt strebt 
einem Maximum zu. (The energy of the universe remains constant. 
The entropy of the universe tends towards a maximum). 


—R. J. E. Clausius 


g 


CHAPTER VIII 
FIRST LAW OF THERMODYNAMICS 


The Scope of Thermodynamics—Almost all processes in nature’ 
are accompanied by energy changes. This energy manifests itself in 
various forms e.g. mechanical, electrical, heat, radiation, etc. These: 
different forms of energy are inter-convertible under suitable condi- 
tions and of all forms of energy, heat energy occupies a unique posi- 
tion as all other forms of energy tend to be ultimately converted. 
into heat. 


The science of thermodynamics attempts to study the laws under- 
lying the interconvertibility of the different forms of energy into heat 
and to find! out the relationships between the different properties of 
matter which are deducible from these laws. The laws of thermo- 
dynamics are based on human experience about the behaviour of 
macroscopic systems, i.e., comparatively large systems which are an 
assemblage of a large number of molecules, and hence these laws 
hold good quite rigidly. Since human experience is limited to grossly 
palpable quantities of matter which are far from being anything on a 
molecular scale, the deductions of thermodynamics are independent of 
any hypothesis about the molecular structure of matter. Further, the 
science of thermodynamics does not concern itself with the time ele- 
ment in any transformation and hence it has no valid application in 
the study of rate processes, e.g. reaction kinetics, diffusion, etc. 


The First Law of Thermodynamics—The first law of thermo- 
dynamics is simply the law of conservation of energy. This law has 
been stated in various ways but the basic idea is that energy can be 
neither created nor destroyed; the only change which energy can 
undergo is a transformation from one form to another. Hence it 
follows that the energy of an isolated system remains constant and whenever 
a quantity of some form of energy disappears, an exactly equivalent quantity 
of some other form of energy must be produced. 
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The law of conservation of energy whose truth appears almost 
axiomatic to us now, was rather slow to be accepted. In fact it 
encountered more opposition than the second law, and numerous. 
were the attempts to construct a perpetual motion machine which would. 
produce work for eternity without any consumption of fuel. The 
law was first clearly stated by Mayer in 1842 and after Joule’s classical 
research (1845) on the equivalence between heat and work, it was 
generalised by Helmholtz in 1847. 


The first law as expressed above needs qualification. Einstein. 
has shown that matter and energy are equivalent and the inter- 
relationship is given by the famous Einstein equation, 

E=me? ` 

where E is the energy, m is the mass and c is the velocity of light. 
Hence 1 gm. of matter is equal to 2.1 x 1015 calories, a stupendously 
large amount of energy. So in all chemical reactions which produce 
energy some loss of mass should take place, but normally this would 
be too small to be detectable and so chemists can as well forget about 
it. Anyway, the first law is to be qualified by saying that matter is. 
also interconvertible into energy, and with this proviso the first law- 
as stated above is rigorously correct. 


Mathematical Formulation of the First Law—Suppose we 
put some amount of heat ina system. Since the heat energy cannot be 
lost, it must remain either wholly or partly as internal energy in the 
system, or can be wholly or partly used up by the system in doing 
mechanical work. In the genera] case when the heat absorbed goes. 
both to increase the internal energy and to produce some mechanical 
external work, we must have 


Heat absorbed=Increase of Internal Energy-+Work done by the system. 


or, Increase of | _ _ {Work done 
; Internal energy } Ttor absorbed lo the system. 

If the final and the initial internal energies of the above systems- 
are E, and E, respectively, then the increase in internal energy is. 
E, — E, = AE (the symbol A always signifies increase 7.e. Final— 
Tael irrespective of whether it is positive or negative). If the heat 
absorbed is q and the work done by the system w, then by substituting 
these values in the foregoing equation we get 

E, — E, = AE=q—w 38 oa 8.1 
which is the first law of thermodynamics. 

If the above change, as shown in equation 8.1, is very small we- 
can write the above quantities in infinitesimal, 7.¢. 

dE=dqg—dw .. te wa tess 
If the system is under a pressure P and increases by a small volume- 
dV. Me worl done is pressure multiplied by volume change i.e. P. dV, 
and therefore the foregoing equation becomes 

dE=dq—P.dV .. so. Me = 8.3: 
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This is the mathematical expression for the first law for infinite- 
simal changes where the work is exclusively of the pressure X volume 


type. 
Example 1—Two identical watch springs one of which is completely coiled and the other 


és uncoiled are dissolved in acid. Will there be a difference in the heat liberated in the two cases? 


* The coiled spring contains more energy and since the final conditions are the same, 
more heat will be liberated in the former case. This also follows from equation 
8.1 because the only difference between the two cases is that E, in the former case is 
higher and therefore q is lower and therefore—g, the heat evolved, is higher. 


Example 2—One gram water at 100°C requires 536 calories of heat for conversion into 
steam at 100°C. Calculate the increase in internal energy per mole of water assuming water 
vapour to behave as an ideal gas. 

q=Heat absorbed =536 x 18 cal/mole=9648 

w= Work done by the system=PV=RT=2 x 373=746 calories. 

E=q — w=9648 — 746=8902 cal/mole. 
N.B.—It is to be carefully noted that we have used the convention of expressing 
as heat absorbed and w as work done by the system and so, in our convention — g 
is the heat evolved and — w is the work done upon the system. The opposite con- 
vention is also used by many writers. 


Mathematical Implication of the First Law Equation—The 
mathematical significance of this simple equation 8.1 is much deeper 
than is apparent. This equation means that if a system changes 
from a certain initial state to a certain final state,—which it can do 
in an infinite number of ways—the increase in internal energy is 
always the same by whatever way the change is brought about, 
although the heat absorbed or the work done by the system might 
vary with the path by which the change is effected. The quantity 
E, the internal energy, is thus a characteristic of the state of the 
system and isnot dependent,on the way in which that state has been 
reached. This is shown graphically in Fig. 37, where AE is the 
same and is equal to Es — Ea, whether the change takes place by path 
(1) or by path (2) or by any other path. 


The above fact is expressed in 
N Es mathematical paralance by saying 
that E is a state function, i.e. its 
value depends solely on the state 
of the system and not the least on 
its previous history. So, E can 
be differentiated and dE can be 
integrated by standard mathemati- 
cal techniques. 


INTERNAL Enercy, È 


It may be pointed out that 
not all properties are state func- 
— tions and so they do not admit of 

Fig. 37—Internal energy general differentiation and integra- 

as a function of state. tion. For example, q and w in 

equation 8.1 are not functions of 
the state but depend on how that state has been arrived at. So g 
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cannot be differentiated and dg cannot be integrated except under- 
special conditions. This is often expressed by saying that dg is not 
a perfect differential, and some fastidious writers even object to writ- 
ing dq and dw in equation 8.2. However, we shall continue to use 
them keeping in mind that they are not perfect differentials. 


(a) Cyclic process—From what has been said it follows that if 
a system passes from A to B by two or more different paths, 
AE=Esr—Fa, is the same for all the paths. Hence, if it goes via 
path (1) and comes back via path (2), it completes a cycle and the 
overall change of E i,e. AE for the whole cycle is zero. Applying 
this to equation 8.1, we immediately see that 


q (for the whole cycle) =w (for the whole cycle) bo GES 


Hence, we arrive at the very important relation that in any 
complete cycle of operations the algebraic sum of all the heat terms is equal to 
the algebraic sum of all the work terms. [For an illustrative example 
vide Exercise (10)]. 


(bD) Changes at constant velume—If there is no volume 
change, dV=0 and the above equation 8.3 reduces to dE=dg i.e. the 
heat absorbed by the system at constant volume goes completely to increase the 
internal energy of the system, provided of course, no other type of work 
but of the pressure X volume type is involved. 


(c) Adiabatic changes—An adiabatic change is one in which the 
system is allowed neither to gain heat from, nor to give out heat 
to the surroundings at any stage of the change. Such a change could 
not be realised in practice since there is no perfect insulator for heat 
to make a heat-tight vessel for such experiments. However, many 
actual processes are close approach to this type of behaviour; for 
example, when sound passes through air, the compressions and rare- 
factions occur so rapidly that for all practical purposes these may be 
regarded as adiabatic processes. Despite all this, much use is made 
of adiabatic processes in thermodynamic reasonings. 

Since heat is not allowed to enter or leave the system in an 
adiabatic process, we have g=0 and therefore, 

— AE=w (for an adiabatic process) KAUGE 
i.e. under. adiabatic conditions, the decrease in internal energy is equal to the 
work done by the system. 

Note that under (a), (b) and (c), as discussed above, we have 
merely equated to zero in turn the three terms of the first law equa- 
tion, ie. dE, dw and dg respectively. 


The Heat Content or Enthalpy of a System—It is often con- 
venient particularly in dealing with systems at constant pressure to 
use a function H, called the heat content function or ENTHALPY 
in place of the interal energy E, the two being related by the 
equation, 

H=E+PV -e ore = 86 
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Since E is a characteristic of the system according to the first 
law, it immediately follows from the above definition of H, that H 
is also a similar state function; therefore, AH would depend only on 
the initial and the final conditions of the system. If the final heat 
-content is H, and the intial value is H, then we have 

AH=H, — H, 
=(E,+P.V2) = (E,+PiVi) 
=(E, — E) +(P:V2 —P,V;) 


=AE-+ A (PV) 50 > URS: 
If the pressure is constant, this reduces to 
AH= AE+P(V2 — V,)= AE+w=qp .. oe 8.8 


Therefore AH i.e. increase in H is equal to the heat absorbed 
.at constant pressure, qp and this explains the name, heat content for 
the function, A. However, if the pressure on the system is not 
-constant, AH is not equal to the heat absorbed and is to be calculated 
from equation 8.7, 

Example 3—Calculate the change in enthalpy in converting 1 mole of water at 100°C 
into steam at the same temperature frem the data given in Example 2. d 

From eqn. 8.2, change in enthalpy, AH=g,=18 x536=9648 calories. Com- 
pare this value with 8902 calories for AE. 


Joule’s Experiment, Internal Energy of an ideal Gas—Joule 
in |1844 allowed a gas to expand freely into a vacuum and observed 
that the system as a whole neither gained nor lost heat. He took two 
metallic flasks connected by a stopcock one of which contained a gas 
under pressure and the other was evacuated (Fig. 38). He put the 


Fig.38—Joule’s Experiment. 


-whole thing under water and opened the stopcock. Af 

a 4 t 
had expanded to fill completely both the flasks at d. Ae En 
he measured the temperature of the water. He failed to'observe an: y 
noticeable temperature change of the water from which he conchided 
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that the internal energy of a gas is independent of the volume at 
constant temperature. 


This conclusion is easily arrived at by applying the first law to 
the above experiment. In the equation, AE=g—w, we observe in 
the present case that g is zero since no heat is evolved or absorbed 
from the surroundings as noted by the thermometer, and w also is 
zero since no mechanical work has been done as the gas has expanded 
against zero pressure. Hence, AE=0. If the gas was allowed to 
expand only by a small volume, dV in the above experiment, we could 
immediately write the result as 


(5) Sgi J ee 
30) r 


de. the internal energy of a perfect gas is independent of volume at 
constant ‘temperature. For actual gases, there is, however, a slight 
increase or decrease of temperature, but for a perfect gas which has 
no intermolecular attraction, the above is strictly valid. It is to be 
noted that equation 8.9 immediately leads to the interesting conclu- 
sion that internal energy is not a measure of the ability to do work. 
We shall later come across a function called free energy (P. 135) which 
is a measure‘of the work content of a system. ’ 


Joule-Thomson Experiment—In the foregoing experiment of 
Joule, the internal energy, E was constant. Such is, however, not the 


POROUS PLUG 
Fig. 39—Joule-Thomson Porous Plug Experiment. 


case if the gas expands against a constant pressure as was done in the 
porous plug experiment of Joule and Thomson (later, Lord Kelvin). 
A gas at a pressure P, was forced through a porous plug ina thermally 
insulated tube against a pressure P, which is obviously lower than P}. 
This process was conducted slowly so that the pressures were main- 
tained steady on both sides at P, and P, respectively and the tempera- 
ture difference between the two sides was measured. It was observed 
that most gases cooled down by such a pressure drop, whereas hydrogen 
and helium at ordinary temperature warmed up (also vide P. 56). 
Explanation of Joule-Thomson Effect—The Joule-Thomson 
cooling may be regarded as due to the fact that real gases are not per- 
fect from two aspects, vz. their failure to strictly conform to Boyle’s 
law and Joule’s law. Firstly, Boyle’s law being not strictly valid, 
PV; is not equal to P,V, which means that the work done on the 
gas in pushing it through the plug, is not equal to the work done 
by the gas while issuring out on the other side. This extra work is 
obtainable only at the expense of the internal energy of the gas and 
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so the gas cools. Secondly, the gas may not satisfy Joule’s criterion 
of a perfect gas [eqn. 8.9]. There may be intermolecular attraction 
and work has to be spent during increase of volume to overcome 
this attraction. This extra work necessarily has to be provided out 
of the internal energy of the gas, as a result of which the gas cools 
on Joule-Thomson expansion. 

Proof of Constancy of Enthalpy, H in Joule-Thomson Expan- 
sion—Since the tube is thermally insulated, the system can neither 
absorb nor give out heat to the surroundings; hence g=0. Also, the 
gas in expanding does work equal to P.Vo—PiVi- Substituting these 
values of q and win the first law equation, AE=q—w, we get 

AE=0—(P2V.—P Vj) 
i.e. Eg—Ey= —P2V2+ PV, 
or Eo +P.Vo=E,+P1Vi 
= H,=H, = ao CAD 
Since the heat content H is defined by the equation H=E-+PV, the 
above equation reduces to H,=H,. We hence conclude that in a 
free expansion of any real gas its heat content function or enthalpy remains 


constant. 


Data on Joule-Thomson Cooling—Hence, if the gasin the above 
free expansion falls in temperature dT by a lowering of pressure dP, 
we may define the Joule-Thomson coefficient, p by the expression, 


-(% 
B\ P/H 


The significance of p might be taken as the drop in temperature in 
degrees experienced by a gas in free expansion by a pressure drop of 
one atmosphere under adiabatic conditions. The experimental values 
of p for a few gases are shown in the following table. The value of 
pcan be easily shown to be zero for a perfect gas, i.e. a gas whose 
equation of state is PV=RT. For a gas obeying van der Waals 
equation, the Joule-Thomson coefficient, is given by the expression, 


2a 
= RTT b (for a van der Waals gas) 

p=zero (for a perfect gas) 
in agreement with the fact that the higher the intermolecular attrac- 
tion ‘a’, the more is the Joule-Thomson cooling. As pointed out in 
Chapter V, Joule-Thomson effect is of great technical importance in 
the liquefaction of gases. 


Carbon dioxide ji 
» 40°C 
»” 100°C | 0.62 
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It should be noted that hydrogen has a negative u showing that 
it warms up on expansion. This circumstance is responsible for 
causing many accidents owing to self-ignition of highly compressed. 

_ hydrogen leaking through damaged pipeline. It is suspected that 
A some serious explosions in hydrogenation plants, e.g., “Vanaspati’® 
\ factories, have been caused by such factors. It should also be noted’ 
from the data on carbon dioxide that generally the lower the tem- 
perature, the more is the cooling effect on expansion, 


Heat Capacity—When any substance is heated, the amount of 
heat necessary to raise its temperature by 1°C is different, if it is 
heated at constant volume from what is needed if the heating is done 
at constant pressure. Suppose we heat a mole of a substance at 
constant volume through a temperature dT. The amount of heat 
(d7) necessary is C,<T where C, is the heat capacity at constant volume. 
Since the substance does no external work the whole amount of heat 
goes to increase the internal energy. Hence, we should have 


qE=C,dT ot, Co= a) Hs =) g 
T/y 


If, however, the substance is heated at constant pressure, P, the 
work done is PdV, and the heat absorbed dq is CpdT where Cp is the 
heat capacity at constant pressure. These values substituted in 
the first law equation, (eqn. 8.3) gives 

dE=Cp1T — PV 
CAT =dE-+P.dV 


«ae (ED), To 
Tn ar Jp \ar/p 
oH 
. = (5 5 sre Se; 1 
Sones (5), 8.12 


These two equations, 8.11 and 8.12 are the thermodynamic defi- 
ntions of C, and Cp. 


ifference, (G,—C,)—From the above expressions for 
LO; athe their ron ee can be easily obtained in terms of oth 
measurable quantities. The method employs a well-known procedure 
in partial differentiation which is very often used in thermodynamics, 
From equation (11) and (12) we have i 


AN a 
o -a= (3), eae 2 SLIS 


But from definition (eqn. 6), H=E+PV, which on differentiation 
with respect to temperature at constant pressure gives 


Gn)» = Go), + Ga), 
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This substituted in the previous equation gives 


3E ua) 3E 
—Q= +P — za og EHE, 
z G) ENIT zh 


Now the question is to find a relationship between the first and the 
last term. Since the energy E is a function of only two variables, 
say, volume V and temperature T, any increment of E can be 
expressed as due to the latter two factors separately as in the follow- 


ing equation. 


tie (=) aT + (7) av 
at) y 37) r 


The significance of this equation is that if a substance undergoes 
a small increase of temperature dT and a small increase of volume 
dV, the total increase of internal energy dE may be divided into two 
parts, the first one as due to the increase in temperature alone, the 
volume being kept constant; and the other one as due to the increase 
in volume alone, the temperature being kept constant. ‘The student 
should not have any difficulty in treating the partial derivatives if 
he remembers that they are like algebraic quantities, a, b, etc. and 
have definite values under definite conditions. 


Dividing by dT throughout and imposing the restiction of cons- 
tancy of pressure, we get 


( OEN E Ha G) aV 
aT P ar/v aV/T\ aT'/P 
Substituting this value in equation 8.14 we have 


3E [av av 
Ge =| ee Me . 8.15 
id [als A 2 FAR 


=r (5) [iG | = . 816 
or/P P\OV/T ; 


‘This equation is a perfectly general one and holds good for any 
substance whatsoever. With the help of second law this equation can 
be transformed into the following equation which is very convenient 
for application to experimental data. 5 
© Ge —Co=o?VT IB. x; a ai 
where a is the co-efficient of cubical expansion and f is the compres- 
sibility. 


APPLICATION OF FIRST LAW TO IDEAL GASES 


What Constitutes an Ideal Gas—We H l i 
the conditions of ideality of a gas. They are EF Sees 


(1) An ideal gas should follow the ti = 
circumstances (Ch. II) ; and E S ae a 
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(2) The internal energy of an ideal gas is a function of tempera- 
‘ture alone (Joule’s experiment), i.e. 5 


OE 3E 
9: =0; and| Z| =0 Oc .|. 8. 
h an (Fl. fs 


These two [(1) & (2)] are necessary and sufficient conditions of 
‘ideality of any gas. 


C,—C, for an Ideal Gas—Applying Joule’s criterion of a per- 
fect gas, viz. (3Ł/ƏV)r=0, on equation 8.16 we obtain 
7 aVv 

G = =F (FF is Z .. 8.19 
Lele 

But, for an ideal gas PV=RT, which on differentiation at con- 

stant pressure gives 


av 
Pj—} =R +. C,—C,=R ve .. 8.20 
al P 2 : 
This equation has been already deduced from the kinetic theory 
‘of gases (Ch. II, p: 19). 


Isothermal and Adiabatic Expansion—When a perfect gas 
expands adiabatically i.e. g=0, the first law equation AE=g — w, 
becomes — AE=w i.e. the work done by the gas is equal to the de- 
‘crease in internal energy of the gas. Since internal energy of an ideal 
gas depends only on the temperature, the decrease in internal energy 
will cause the gas to fall in temperature. Therefore, we conclude 
that the gas will be cooled by an 
adiabatic expansion. We also see 
‘that this cooling effect will cause 
‘the final volume to be lower than 
what it would have occupied if the 
-expansion was conducted isother- 
mally. In other words, if the pres- 
-sure and volume are plotted on a 
P — V diagram, the adiabatic curve 
should be steeper than the isothermal 
‘one as shown in the diagrami] Tie 

l] relationship among P, V an ‘ fare 
Tina Snb A RE expansion Hie., E E Adiabatic 
-can be obtained thermodynamically. _ ; P gas. 

Suppose we have one mole of an ideal gas which expands adia- 
batically (i.e. g=0) by a very small increase in volume, dV. Since 
‘the increase in volume is infinitesimally small, the work done by the 
gas is PdV, and hence from eqn. 8.5., dE= — P.aV. 


Also, since the internal energy of an ideal gas does not depend 
-on the volume, the equation 8.11, C,=(@Z/07)r reduces to 


dE=C,dT 


PRESSURE 


. volume 
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Equating these two values of dE, and using P=RT/V which 
is always applicable to an ideal gas, we have 


CdT= — P.dV= — av = .. 823 
Gar dy 
ORT n ie 


Considering C, a constant which is independent of temperature, 
and integrating within limits we have 


C Ç 2dr Ç?ay 
rj zo h7 


or Sin PT.) = — nV) 
- Now, R/C,=( Cp — 2) /Co=y — 1 


c In (TT )= — in (Vay)! 
eak 8.22 


which is the required relation between K and 7 in adiabatic expan- 
sion of a perfect gas. 

If we want the correlation between P and V we can do this by 
eliminating dT between equation 8.21 and PV=RTZ as shown below. 
The latter equation on differentiation gives 

PdV+VdP=RdT 
also we have —PdV=C,dT 
Eliminating dT we have, PdV+-VdP=R ( — P.dV/C,) 
PaV (1++R/C,) = — VdP 


which on simplification with the help of the already established rela~ 
tion, Cp — C,=R gives 


dV dP È $ 2 A 
Mia EEA which on integration gives 
PV’ =constant e.. 8.23. 


where y is the ratio C,/C,. This is the required relation. 
By an essentially similar process we can eliminate V and obtain 
the pressure-temperature relationship in an adiabatic process. The 
three equations under adiabatic conditions for a perfect gas are— 
adel Lean a ean Lee aie 
(i e =F (ii) P=; (i) | E =e.. 8.24 
2 Tı P 1. 7 Tı 
These equations can be more conveniently expressed in their 


logarithmic forms. For example equation (iii) after taking logarithm. 
of both sides becomes, Page etetan loga 


7- log (P.P) =log (T/T) 


which is very suitable for purpose of calculation. 


FIRST LAW OF THERMODYNAMICS 101 


Example 4—Calculate the increase of | rembrrative if helium at 0°G is compressed adiabatically 
€o half its volume. 

Now, y=1.66, Vi/V2=2, which substituted in equation 8.22 gives (2) °-8*=T,/273 
or T,=273x2 %%=433.7°K=160.7°C. .. AT=160.7°C. 

Note the large rise in temperature 


EXERCISES 


1. When ice melts at 0°G, the latent heat of fusion is 80 calories per gram. The 
density of ice is 0.82 and of water is unity. Calculate AE, AH, g and w per mole. 
[1440.1 cals, 1440 cals, 1440 cals.,—4.0110® ergs.] 


2. Galculate the same quantities in the conversion of water into steam at 100°C, 
given that one gram of steam occupies 1676 c.c. and the volume of water can be 
aeglected in its comparision (latent heat: 537 cal/gm.). ` 

[8934.2 cals; 9666; 9666 cals.; 30587 x 10° egs.] 

3. Calculate the rise in temperature of a piece of copper (C,=6.4) when dropped 
from the top of Qutab Minar (height 270 ft.) assuming that no heatislost. -[1.91°C] 

4. When coal gas burns in a Bunsen burner, is the heat effect observed 
equal to — AH or — AE? 

5. When a toy balloon is warmed, it increases in size. Formulate the first law 
‘equation for the process and indicate how the AH for the process is connected with 
the heat supplied to the system. 


6. Calculate AE and AH if 10 litres of heluim at N.T.P. are heated inside a 
gas cylinder to 100°C assuming it to behave ideally and having C,=§R 
[133,8; 223.1] 


7. Ifa liquid or a gas is compressed from one to 20 atmospheres, which one will 
‘be closer to an adiabatic process, a slow compression or a rapid one? Compression 
of a large quantity or a small quantity? Discuss fully. 
8. A mole of an ideal gas at 0°C is compressed reversibly and adiabatically 
from 1 atm. to 2 atm. What is the final temperature ifC,=5 cal/°C? [87.1] 
9. Ten moles of nitrogen at 0°C under 20 atm. is suddenly released of its pressure 
to 3 atm. and the gas expands adiabatically. If G, for nitrogen is 7 calories per deg. 
and the gas behaves ideally, calculate the final temperature. Calculate also AE 
and AH for the process. [158.9°K; —5705; —7987 cal.] 
10. A mole of monatomic ideal gas is heated at constant volume from 25°G 
and 1 atm. to 500°C. The gas is now isothermally and reversibly expanded to 
its original pressure-of one atm. The gas is now cooled at constant pressure to its 
original temperature of 25°C, thus completing a cycle. Graphically describe this 
cyclic process on a P—V diagram as also on a T—V diagram. Calculate g and w 
for each step and for the whole cycle. 
(a= +1425 cals, gz= +1474 cal, qa= — 2375 cals. 
w,=0, w,=+6130 107 ergs; w= — 394x108 ergs. 
11. For complete combustion of benzene at 25°C and 1 atm. pressure, accord- 
ing to the equation, CHol) +74 O2(g) =6CO;(g)+3H,O(/), 781,000 calories are 
‘evolved. Find the value of AE and AH for the reaction. 
[AH= — 781,000; AE= — 780,106] 
12. Give examples of changes taking place (i) at constant internal energy, 
(ii) at constant enthalpy and (iii) at constant entropy. Apply first law to each of 
‘these processes. 
13. Calculate the work done in exsrcise No. 9, ifthe above adiabatic expansion 
is done reversibly. (Hint: Find the integral of PdV] 
14. Ina gas mixture maintained at 100°G, a chemical reaction takes place which 
ceduces the total number of moles by 0.5. Assuming that the mixture behaves as an 
ideal gas, calculate AHif the internal energy decreases by 10 kilocalories. Will 
there be any difference in your calculated value at constant pressure and at 
constant volume condition? 


Š CHAPTER IX 
THERMOCHEMISTRY 


General—It is a common experience that chemical reactions, im 
general, are attended by either evolution or absorption of heat. in 
some reactions, e.g. the burning of magnesium ribbon or the combina- 
tion of chlorine with hydrogen, iron, etc. the associated thermal 
change is too large to be overlooked. 

The basic theoretical guide to a study of the heat changes of 
chemical reactions is the first law of thermodynamics. However, the 
subject was already under vigorous study long before the first law was- 
established as an irrevocable truth, and so, many principles had to 
be discovered by the earlier workers which we now know to be inherent 
in the first law itself. 

Heat of Reaction: Exothermic and Endothermic Changes— 
Reactions which take place with liberation of heat are called exothermic reactions,. 
whereas reactions which take place with absorption of heat are endothermic. 
If any reaction is endothermic it follows that the reverse reaction: 
is exothermic and vice versa, and it is usually found—though not 
always—that exothermic reactions proceed spontaneously and 
vigorously. 

HEAT OF REACTION is defined as the quantity of heat in 
calories evolved when the number of gram molecules of substances. 
indicated by, and between, the substances shown in the chemical 
equation have completely reacted. In the above definition, the coven- 
tion has been made that the heat of reaction is positive when heat is. 
evolued and so, if heat is absorbed in any chemical reaction we 
may say that the heat evolved is negative, and therefore the heat of 
reaction of an endothermic reaction is negative. Thus, the expres- 
sion—the heat of reaction in the formation of hydrochloric acid. 
according to the equation, H,+Cl,=2HCl is 43,600 calories—means- 
that when 2 gms of hydrogen combine with 71 gms of chlorine to- 
form 73 gms of HCl the amount of heat liberated is 43,600 calories. 
Similarly, the heat of reaction of H,-+1,=2HI is — 5,900 calories. 
means that 5,900 calories are absorbed in the above reaction. 


to completion along a well-defined course, and these are usually 
determined by calorimetric experiments, The reacting substances. 
are allowed to combine in a calorimeter, if they are liquids or solids 
(or in a closed bomb if any of them is gascous) and the calorimeter 
is kept immersed in a large vessel full of water. The increase im 
temperature of the water after the reaction is complete, is noted and 
knowing the heat capacities of the different parts of the apparatus, 
the heat of reaction is easily calculated therefrom. 


; Heat of Reaction from Equilibrium Constant—Heat of reac- 
tion need not be obtained by thermochemical methods alone but it cam 
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also be obtained from equilibrium constant data at more than one 
temperature. This has been discussed on P. 222 under reaction 


isochore. 


Notations and Conventions—Two kinds of notations are used 
extensively; the first one may be called the classical or the thermo- 
chemical notation, and the second one the modern or the thermody- 
namic notation. 

(a) Classical Notation—In this notation it is customary to follow 
the convention of adding with a positive sign in the side of the products, 
the amount of heat which is evolved in a chemical reaction. Thus, 
in the general equation, 

A+B=C+D+Q Cals 
Q is called the heat of reaction. It should be carefully noted that 
Q has a positive value when heat is evolved, and a negative value 


when heat is absorbed. This is just the opposite of the convention 
followed in the previous chapter on thermodynamics with q or AH. 


It is also customary to indicate the state of aggregation, i.e., solid 
(s), liquid (J) or gas (g) as also the allotropic form used as illustrated 
in the following equations. 

G (graphite) + O2(g) = GO2(g) + 94,300 cals. 

Hy,(g) + 4 O.(g) = H:O (!) + 58, 370 cals 

H,(g) + I2(g) =2HI(g) — 5,900 cals 
Note the negative sign in the last equation which signifies an endo- 
thermic reaction (absorbtion of heat). If the substance be in dilute 
solution, the suffix aq. is added to its symbol. Some authors use the 
symbol Cal. or Keal. or Kg. Cal. for 1000 gm-calortes of heat. 

(6) Modern Notation—The heat of reaction Q used to be at constant 
volume, i.e. it used to be Q, but all modern authors present their 
data at constant pressure, i.e. their Q is really Qp. In.the modern 
notation instead of writing Qp, help is taken of the thermodynamic 
relation (eqn. 8.8, P. 94), Q=- d= — AH and so AHis used 
instead of Q p as explained below. AH is called the enthalpy change 
or change of heat content. 

When we write the reaction for water formation as 

H(z) + 4 O2(g) = H,O(g) + 68,400 cal. 
itis not clear whether the reaction is at constant pressure or at constant 
volume and at what temperature the reaction has been conducted. 
So, in modern nomenclature this is written as follows. 

H, (2) + $O2(g) = H:O @ AH 19, = ~ 68,400 cal. 
This shows firstly that the enthalpy (i.e. the heat content of the Sse 
decreases by 68,400 cal; this is just the ee N n pes par 
the heat of reaction at constant Pro refers. ak Le. 25°C; SH 


the subscript 298 means that the data refers to 
thirdly che aipeneupe zero means that the reactants and products 
i.e. conventionally in their stablest 


are under standard conditions, 
form at 25°C and under one atmosphere pressure. In other words, 
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we first write the équation for the reaction and indicate the value of 
AH, the enthalpy change, separately as the negative of the heat of 
reaction at constant pressure. 

The student should do well to familiarize himself with using 
enthalpy change, AH in his calculations, remembering that exo- 
thermic reactions have negative AH and endothermic reactions have 
positive AH as shown below:— 


Heat of Reaction at 
(i) Decrease of Internal Energy (— AE) = (eee Volane (Qa) 9.1 
(ii) Decrease of Heat Content or| _ Heat of Reaction at 99 
Decrease of Enthalpy ( — AH) Constant Pressure (Qp) 
Thus we should have: — 
AH or AE .... Positive. .Heat absorbed. .Endothermic 
AH or AE .... Negative. .Heat evolved. .Exothermic 


In this chapter however we shall freely use both thë old-fashioned 


heat of reaction Q and the modern enthalpy change AH in our 
deliberations and calculations. 


Hess’s Law of Constant Heat Summation—As a result of ex- 
perimental researches extending over a number of years, Hess showed 
that the amount of heat evolved or absorbed in a chemical change is 
independent of the rate of reaction or of the nature of the inter- 
mediate compounds, provided the reactions and resultants are the 
same. This is expressed by Hess’s Law, first stated in 1840, 
as follows:—If a chemical reaction is brought about in a single step or alter- 
natively, in a number of intermediate steps, the total amount of heat evolved is 
the same provided the initial and the final stages are the same in all cases. 


Thus, taking a simple case, if we could burn carbon first into 
carbon monoxide, and then burn the carbon monoxide to carbon 
dioxide, the sum of the heats evolved in these two processes would 


together be equal to the heat of combustion of carbon directly to 
carbon dioxide. 


A simple example to demonstrate the truth of this law is to 
calculate the heat of reaction when gaseous ammonia and hydrochloric 


acid are converted into a dilute aqueous solution of ammonium 
chloride. This can be done in two ways as shown below. 


First process—We can mix ammonia gas and HCl gas to form 


solid ammonium chloride and dissolve it in water to get an aqueous 
pe ion of ammonium chloride and note the heat change in each of 
e steps. 


NH; (g)+HCl(g) =NH,Cl(s) +-42,100 cals. 

NH,Cl(s)-+a7.=NH,Clag, — 3,900 cals. 
Summing up, NH; (¢)-+HCl(g) +-a9.=NH,Clag. +38,200 cals. 
Second process—Alternati 
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NH, (g)-+49-=NH,ag.+8,400 cals. 
HCl(g)+-ag.=HClag.+ 17,300 cals. 
NH,ag.+HClag.=NH,Clag.+ 12,300 cals. 
Summing up, NH;3(g) +HGl(g)-+a9-=NH,Clag.+38,000 cals. 
It will be seen that the net amount of heat evoled in both the 
methods is the same, within the limits of experimental error. 


Hess Law is a direct corollary to the law of conservation of 
energy, but it had to be discovered experimentally since at that time 
the law of conservation of energy had not taken a firm root in the 
mind of chemists as an absolute truth. 


Applications of-Hess’s Law—The main contribution of Hess’s 
law has been that it allows us to regard thermochemical equations 
just like algebraic equations admitting of addition, subtaction, elimi- 
nation, etc., as a result of which we can calculate many heats of re- 
actions which are not experimentally measurable directly owing to 
slowness or incompleteness of the reactions. A simple example may 
be cited. Thus, there is no way to determine directly the heat of 
formation of methane (i.e. Q of of C+2H,=CH,+Q cals) because 
this combination does not take place directly. But we can easily 
calculate Q by applying Hess’s law on the heat of combustion data 
of carbon, hydrogen and methane because the products of combustion 
of the left hand side are the same as those of the right hand side (vide 
P. 111 for details). This whole chapter is replete with such appli- 
cations. 

A special case of such an application is the determination of the 
heat of transition of one allotropic modification to another. 


2,386 cals 


MEI 


YeLLow P PHOSPHORIC ACID 


: 2,113 cals | 


S 


, YELLOW p——— Ren P+273 calories. 


The case of conversion of yellow phosphorus to red phosphorus may 
be cited as an example. Though the heat of conversion is, not 
directly measurable here, it can still be calculated on the basis of 
Hess’s law, in the following way :—One gram atom of yellow phos- 
phorus on oxidation to phosphoric acid yields 2386 cals of heat. 
Red phosphorus’ on similar treatment yields 2113 cals of heat. 
Therefore, according to Hess’s law this difference in the heats of 
reaction represents the heat of conversion of yellow to red phos- 
phorus which is therefore equal to 273 ( =2386—2113) cals. Simi- 
larly, the heat of transition of rhombic to monoclinic sulphur, or 
graphite to diamond can be computed as shown by a simple exer- 


cise below. 
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Some reactions are too slow such that their heats of reaction. 
can not be directly determined in a calorimeter. However, 
such reactions go fast enough to completion in presence of catalysts: 
at near room temperature. Since the catalyst remains unchanged, it 
follows from Hess’s Law that the observed heat of reaction of the 
catalysed reaction is the true heat of reaction. Many heats of hydro- 
genation of unsaturated organic compounds have thus been deter-- 
mined. 

Example 1. The heats of combustion of rhombic S „and monoclinic S are 70,960 and 
71,030 calories respectively. Calculate the heat of transition. d 

S (rhombic) +O,=SO,+70960 cals. 

S (monoclinic) +O,=—SO,+71,030 cals. 


Substracting one equation from another and transposing, we get, 

S (rhombic)=S (monoclinic) — 70 cals. 

So, the heat of transition is — 70 calories. 

Heat of Formation—The heat of formation may be defined 
as the amount of heat given out when a gram molccule of the sub- 
stance is produced from its component elements in the standard 
state. Thus in the equation, C+O,=CO,+94,300 cals., it will be: 
seen that to produce one mole of carbon dioxide from its elements, 
94,300 cal. are evolved and so the heat of formation of carbon. 
dioxide is 94, 300 cal. Similarly, during the formation of one mole 
of hydriodic acid gas, 5,926 calories are absorbed; we may regard 
this as —5,926 calories being given out, and so, the heat of formation 
of the gas is —5,926 calroies. 


Substances formed with absorption of heat are called ENDO- 
THERMIC COMPOUNDS while those formed with evolution of heat 
are called EXOTHERMIC COMPOUNDS. So, exothermic com- 
pounds have positive heat of formation and endothermic compounds 
have negative value for it. Almost all common compounds are 
exothermic, i.e. have positive heats of formation with the exception 
of a few, viz. nitric oxide, hydriodic acid, carbon disulphide, ozone, 
acetylene and some unsaturated hydrocarbons, etc. The following 


table gives the heats of formation of a number of compounds. (Note: 
Heat of Formation= — AHy). F 


STANDARD HEATS OF FORMATION, — AH; ons 
(în Keal|mole) 


G (Diamond) —0.22 | HS 5.3 
G (Graphite) 0.00 | NO ae 21.6 
CH, 18.02 | Gs, (Ù 22.0 
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m amini Enere and Enthalpy of formation—It should be 
a ae y noted that according to our convention heat of formation is 
3 negauve of the enthalpy change of formation and so is denoted 
Be TA Te It should be further noted that Enthalpy of formation 
ee her Energy of formation ( — AE) was at one time called 
mend eee but this practice 1s not nowadays favoured. 
R apy of formation ( — AHy) is the modern term more extensively 
ed but the term heat of formation is also in good usage. 


eA of Formation of Elements—The heat of formation of 
i r (J) is 68.37 kcal means that the heat content of water is less 
ae that of H,(g)+40,(g) at 1 atm. and 25°C by 68.37 kcal. 
oe here we are following the convention that the elements in 
for r most stable state constitute the reference state for heat of 
à mation data. This fact is also expressed, rather artifically, by 
aying that all elements have zero heat content. This is nottrue but is a 
ae convention by adotpting which we shall never run into any 
ae msistency in heat balance; this is because we can not convert one 

ment into another chemically. Thus all Heat of formation data 
(—AH,) are impiicitly based on this convention. 


_ Usefulness of Heat of Formation Data—The heat of forma- 
tion of compounds as such is not of great significance, but their main 
utility is in the fact that any heat of reaction can be easily calculated 
with the help of heat of formation data for the reactants and pro- 
ducts. Thus, instead of tabulating the heats of reactions of all possible 
chemical reactions, which at any event would require an unmanagably 
large space, the same purpose ‘would be served from a much smaller 
compilation of heat of formation data. So, a self-consistent table 
of heat of formation is a condensed summary of all possible heats of 
reactions involving the compounds appearing in the table as well 
as all elements. It should be noted that not only actual reactions 
but also hypothetical or hitherto unknown reactions can be dealt with 
with the help of such a table (vide next section). 

tain Solving Numerical 


Importance of Heat of Formation Da g ' 
of Formation method of solving numerical 


Problems—The Heat 1 
problems depends on two principles as stated below 

(1) All elements in their stablest form under standard conditions 

f formation. This is a mere 


have zero enthalpy i.e. zero heat o a : 
convention and has been discussed in a previous section. 


(2) If the AH, the enthalpy of formation (which is just negative 
of heat of formation) of substances taking part im a chemical reaction 
be substituted in a thermochemical equation, the equality will still 
hold good. For example, if in the equation, ‘A+B=C+D+Q cals 
we substitute the values of enthalpy of formation (i.e. negative of the 
heat of formation) of A, B, C and D, we can immediately calculate 
Q, the heat of reaction. 

This is a very importan 
tation and should be thoroug: 
tions are shown below. 


re for thermochemical compu- 


t procedu y C 
e illustrative calcula- 


hly mastered. Som 
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Exa: i i ide given that the heats of 
2. Calculate the heat of formation of carbon disulphide given ti 
obist. i disulphide, sulphur and carbon are 265,100 cals 71 „080 cals. and 94,300 
cals respectively. i 
CS,+30,=CO,+2SO,+265,100 cals. ... one aes (i) 
$+0O,=SO,+71,080 cals. noo Me si Ge 
C+0,=CO,+94,300 cals. AS " 
i ii iii) it follows that the enthalpy of formation (AH) 
f From caation G Rog aa 94 S0 calories respectively. Let the AHy of 
os be A Hosa Substituting these values of enthalpy changes in equation (i) 
2 é 
we get— i } 
AHes,+0= — 94.300+2 x ( — 71,080) +265, 100 cals. 
AHcs,=28,640 cals. h 
Heat of a — Enthalpy of Formation= — AH cs,= — 28,640 cals. 
So, it is an endothermic compound. 
Example 3. Calculate how much heat will be liberated in the hypothetical reaction of 
synthetising ammonium nitrate from air and water using data in table on P. 109. 
The equation in question is 
Na+ O,+2H,0() =NH\NO,(s)+Q cals. 
Now, H(N2)=0, H(O.)=0, AH|H,O(/)]=—68,400, and AH[NH,NO,(s)]= 
—88,000 where His heat content i.e. enthalpy. Substituting these values, we 


obtain, Q= —48,800 cals; i.e. the reaction takes place with an absorption of 
48,800 calories. 


Heat of Formation of Salts—The heat of formation of a salt 
may itself be regarded as the resultant heat effect of a number of 
simpler reactions. For example, we may regard the formation of 
sodium chloride, starting from sodium and chlorine to be formed 
by the following steps (e means an electron) :— 

(1) Steps (a) and (a’)—Conversion of sodium into vapour of atomic sodium 
(Step a); and conversion of gascous chlorine into the atomic state (Step a’). 

(2) Steps (b) and (b ’)—Breaking of the sodium atoms obtained in Step (a) 


into Nat ion and an electron (Step b); and making a Cl- ion from the chlorine atom 
of Step (a’) by adding an electron (Step b “ye 


_ (3) Steps (c) and (d)—Reacting the Nat ions and Cl- ions obtained in the pre- 
vious step into NaCl vapour (Step c); and condensing the NaCl vapour into solid 
NaCl (Step d). 


(a) Na (solid) Na (gas)—26 Kcal (a ) £ Cl, (gas) —-+Cl (gas) —29 Kcal 
(b) Na (gas)—-+Nat-+e — 119 Kcal (6’) Cl (gas)+e —+Cl-+92 Kcal. 
(c) Nat+Cl-=NaCl (gas)+128 Kcal 
(d) NaCl (gas) =NaCl (solid) +52 Kcal 
Summing up, Na (solid)+ 4 Cl, (gas)=NaCl (solid) +98 Kcal. 


Note that b’, ¢ and d are exothermi 


, c steps which together more than compensate 
the endothermic steps, a, 


a’ and b, so that the net heat of formation is positive, 

The above type of stepwise conversion of a metal and a non- 
metal into a salt is known as BORN-HABER CYCLE, a theoretical 
device suitable for calculation of lattic energy (summation of heat 
effects in steps c and d) of salt crystals ( 


; mee i.e. lattice energy=heat of 
‘ormation — a —a' — b —}'). 


It is to be noted that noble metal salts have less heat of for- 
mation than those of alkali metals. On analysis of the above steps 
this is found to be primarily due to the difference in step (b) which 
is the electron affinity of the metal in question. For example, the 
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electron affinity of silver (173.7 K.cal) is higher than that of sodium 
(119 K.cal) consistent with the fact that silver is nobler in the 
electromotive series (P. 285), and this is responsible for lower heat 
of formation of silver salts in comparison to sodium salts. 


HEAT OF FORMATION OF SALTS (—AHy) 
(in Kcal per gm atom of the negative element) 


Chlorides Todides Oxides Chloride ag- 

Potassium 105 79 186 418 
Sodium 98 70 199 407 
Calcium 104 64 152 354 
Aluminium 56 I 24 129 265 
Zinc - 49 25 85 160 
Lead 43 20 52 84 
Hydrogen 41 —6 66 83 
Copper (cuprous) 33 16 40 49 
Silver 30 15 7 31 
Gold (aurous) 10 2 — — 


Sie O E 


Heat of GCombustion—It is the amount of heat evolved when one 
gram molecule of the substance is completely burnt down in oxygen. Thus, 


the equation, 
C,H,OH+30,=2CO,+3H,0 +340,500 cals. 


means that when one mole of alcohol is burnt in excess of oxygen, 
340,500 cals. of heat are evolved and the latter quantity is called the 
heat of combustion of alcohol. The combustion of a substance may 
take place either in a closed space (i.e. at constant volume), orin the 
open (i.e. at constant pressure). The former procedure is experimen- 
tally convenient but the results are more, usually expressed after 
calculation at constant pressure and are explicitly mentioned to be so, 

The heat of combustion is an important constant as itis a primary 
experimental data directly obtained from experiment, and also be- 


cause many important heat changes, particularly in organic chemistry 
are calculable from such data. The heats of Fono oR in Ke 
mole of a few representative organic compoun s are given in the 
following table [25°C, 1 atm. H,O ()]. Values in K-cal/lb. for a 


few food materials are also included. 
HEAT or COMBUSTION (25°C, 1 atm., H,O (}) ) 


.8 K-cal/mole Propyl alcohol 480.5 K-cal/mole 
a ae) ct a calmo |. “Butyl alcohol 6386 E 
ane (CHo) Glycerol 397.0 RS 


Propane (GH) 530.6 2 Gane Su! 1349.6 
a gar 6 > 
Butane (GyHio) 687.9 pR Gereals, rice, etc. 1650 K-caljib 


Fithylene (Giaa. S223) 32 p il 3650 
0 i Fats and oils 5 > 
Acopia Gth) Peg y | Mill condensed 4500 v 
y 326.7 3 Fish, Loo 


Ethyl alcohol 
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icati i — basic 
Application of Heat of Combustion Data These 
herme Acal data find utility in various ways, a few of which are 
listed and discussed below. 


(i) Calorific value of fuels 
(ii) Food value of diets 
(iii) Maximum flame temperature 
(iv) Calculation of heat of. formation 
(v) Calculation of heat of reaction. 


(i) & (ii) Calorific Value of Fuels and Food—Fucls, 6.8.5 
coal, petroleum, etc. are to be assessed with respect to their calorific 
values with the help of combustion data, and extensive measure- 
ments of the same for various fuels are made as a routine procedure 
for grading and standardising fuels. The calorific value of fuels is 
generally expressed not in calories but in B.T.U. (British Thermal 
Units; 1. B.T.U.=Number of calories required to heat 1 lb. water 
by 1°F=252 cals.). 


Heat of combustion data are also used for the science of food 
and nutrition. Foods taken get burnt inside the body, the energy 
liberated being used for keeping the body warm and for producing 
muscular energy. An average adult requires from 2000 to 3000 K-cal 
per day and so from heat of combustion data of foods, some typical 
values for which are included in the table, it is possible to calculate 
the food requirement of the average individual, and hence of a nation. 
Of course, other considerations besides calories are required for secur- 
ing a blanced wholesome diet which however need not concern us 
here. Itmay however, be of interest to know that the average calorific 
value of food consumed in India per person per day is only about 1600 
K-cal. whereas in western countries it is about 3000 K-cal. It is to be 


(iii) Maximum flame temperature—A very interesting appli- 
cation of the heat of combustion data is made in the calculation of 
the maximum, temperature of flames. The Principle of calculation 
is very simple, as one has merely. to calculate from the known specific 
heats of the products of combustion their maximum rise i 
ture at the expense of the heat of combustio: 


Exampte 4. Calculate roughly the maximum temperature attainable with -hydr 
flame, given that the heat of formation of H,O (g) is 57,800 cals. and the en ae hee 
of water vapour is 9.3 cals.|mole. 


We have to calculate the temperature to which a mole of wat ill 
be raised by the heat of combustion. Now, rise of temperature Hane unei 
specific heat Xxmol, wt. ~, Increase in Temp.=57,800/9.3—6200°C. Of course, 
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the actual temperature is much less owing to radiation loss, incomplete combus- 
tion, thermal dissociation and other factors. 


(iv) Heat of reaction from heat of combustion—The prin- 
ciple of this method is that if we know the heat of combustion of all 
the reactants and resultants, and substitute these values in the 
thermochemical equation, the equality still holds good just as if the 
internal energies or enthalpy changes were substituted. That is, 


in a reaction, 
A+B=C-+D+Q. cals. 
Heat of reaction, Q=(a+b) — (c+d) ne cen gn eo 
where a, b, cand dare the heats of combustion of A, B, C and D respectively 
(vide Ex. 5). This is a very convenient relation for working out sums 
and should be carefully mastered. 


Exampre 5. The heats of combustion of 
cals., 333,350 cals. and 68,400 cals. respectively. 
of ethylene to ethane. 


ethane, ethylene and hydrogen are 370,440 
Calculate the heat evolved in the reduction 


; C,H,+H.=C;H.+Q cals. 
Substituting the heats of combustion of ethylene, ethane and hydrogen, in the 
above equation we get— 
333,350-+68,40=370,440+ Q or, Q=31,310 calories. 


t is advisaple to explain the principle first of all. The 


In adopting this method, ii 
bout, are of course applicable. 


ordinary methods, though somewhat roundal 
(v) Heat of formation from heat of combustion—Since heat 

of formation is after all a type of heat of reaction, its value can be 
calculated by proper algebraic manipulation of heat of combustion 
the heat of formation data have been 


equations. In fact, many of c a a 
computed from combustion data. An illustrative example is shown 


below. 


Exampre 6. The heat of comi 
and carbon are 68,360 and 94,300 ca 


of cane sugar. 


bustion of cane sugar is 1,243,000 cals. and those of hydrogen 
lories respectively. Calculate the heat of formation 


CyoH 30 +1202= 1200, +11H,O+1,243,000 cals. ca) xe (05) 
C+0,=CO.+94,300 cals. zo e. ere: (2) 
ee aa RNS) 


H+ O,=H,0 +68,360 cals. 
. (2) and (3) it follows that the enthalpy of fotmation AH; of CO, 
O cans. (O) S00 o —68,360 cals. respectively. Substituting these valiy 
of Enthalpy of formation in eqn. (1) and putting the Enthalpy of formation of sugar 
equal to A Hsucar, we get 
AHsucar+0=12 x ( — 94,300) +11 x ( — 68,360) +1,243,000 cals. 


Or, AHsucar= — 640,560 calories. But, heat of formation= — AH, 
Therefore, the heat of formation of cane sugar is 640,560 cals. 


Determination of Heat of Combustion—The 
] use for this purpose is Berthellot’s Bomb Calori- 
f which is given (Fig. 41). The apparatus 
1 V fitted with a screw-on lid. The vessel is 


Experimental 
apparatus in genera 
meter, a sketch figure o: 
consists of a strong Vesse 


112 ELEMENTARY PHYSICAL CHEMISTRY 


made of steel which is coated inside with some non-oxidisable metal 
~- such as gold or platinum. Through thelid 
E - pass iwo insulated platinum wires (p.p.) which 
are connected by a spiral of thin iron wire. 
There is a valve in the lid through which 
oxygen is pumped in so as to reach a pressure 
of nearabout 25 atmospheres. The spiral of 
iron wire is placed in contact with a weighed 
quantity of the substance contained in the plati- 
num capsule, C. The whole is immersed in a 
calorimeter filled with water and the combus- 
tion is started by sending a current through the 
iron wire. The iron wire burns out and the 
molten product falls in the capsule on the sub- 
stance (if liquid, contained in a thin sealed glass. 
bulb) and ignites it so that it may completely 
burn out in the excess oxygen. From the rise 
> in temperature a the water in the calorimeter, 
La AAN the amount of heat develo ed in the bomb is 
Ss Sw calculated in the usual way and therefrom 
Fig 41— making a proper allowance for the heat deve- 
Bomb Calorimeter. loped by the combustion of the iron wire, the 
heat of combustion of the substance is calculated. Of course, all the 
usual precautions of calorimetry are taken, 


The method is applicable to all substances which burn completely 
in a well-defined manner. Halogenated organic compounds give poor 
results because the products of oxidation are variable, and so this 
method is not applicable to them, 


Empirical Thermochemical Calculations: Bond Energy—It 
becomes often necessary to know a certain heat of reaction which is not 


| 
, 
N 


similar other rules is much in error for other compounds, 


A more general approach to the problem has been made by 
Pauling who has found it possible to attribute the total energy of a 
molecule to the sum total of the energy of the chemical bonds present 
in the molecule. For example, the energy of the methane molecule 
may be considered to reside in the four C—H bonds and that of say, 
ethylene in the-C = C bond and four C—H bonds. In any chemical 
reaction some bonds are broken and new ones are formed and the 
heat of reaction is the algebraic sum of the bond energies involved. 
For example, in the reaction C,H, + H, = C2H,, the heat of reaction 
is simply the sum of six C_H bond energies added to one C—C 
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bond energy, minus four C—H bond energy, one C = C bond energy 
and one H—H bond energy. The calculated value of the above reac- 
tion from bond energy table is 29 K-cal, whereas the observed value 
is 32.7 K-cal. Some values of bond energy in K-cal are: —-C—C=58.6, 
H—H = 1034, C—H=87.3, C=C=100, O—H=110.2, 
C = O (aldehydes) = 149, C = O (ketones) = 152, etc. Calculations 
based on bond energy are fairly satisfactory, provided there is no 
resonance in the molecule and in the event of the existence of the latter 
a correction for resonance energy has to be made (for discussion on 


resonance; vide Ch. XXVIII). 


Heat of Solution—Heai of solution may be defined as the 
amount of heat evolved when one gram molecule of a solute is dis- 
solved in sufficient amount of a solvent so that on further dilution no 
more thermal effects are observed. For example, on addition of 
250. c.c. water to one mole hydrochloric acid gas, 16,500 calories are 
evolved; addition of another 250 c.c. water liberates 450 calories; 
a further addition of 500 c.c. water gives out another 300 calories; 
dilution with 1 litre more water yields 150 calories:more and on 
further addition of water hardly any more heat effect is observed. So 
the heat of solution of hydrochloric acid is 16,500-+450-++300-+-150= 
17,400 calories. Sometimes this heat of solution is called total heat 
of solution as opposed to integral heat of solttion, which latter implies 
heat of solution in a limited specified amount of water. Evidently, 
the heat of formation in solution is not the same as the heat of formation 
of the solid substance and is equal to the algebraic sum of the heat 
of formation of the substance and its heat of solution, 

viz. ammonium salts, potassium: salts, etc. dis- 


Many substances, $ r 
X absorption of heat (i.e. the heat of solution is 


solve in water with heat | 
negative), and sometimes the absorption is so large as almost to reach 


i int of water, but most substances dissolve in water 
RET heat. When NH,C1 dissolves in ‘conc. HCl so 
much heat is absorbed that frost deposits on all sides of the containing 
beaker. Based on such facts plastic bags containing (NH,NO,) 
+ (water) are used as emergency cold packs and (CaCl,)+ (water) 
as emergency hot packs. $ 
: . f solution i 
condi She aba sten af) an endotherme reaction, tiz, breaking ofthe 


crystal lattice (lattice energy), - 
M#X-(s)=M#(g)+X(g) 


and (ii) an exothermic reaction, viz. heat of hydration of the gascous ions, 
M+ (e) +X (g) +Water=M*ag.+X-ag. 

d th depends on which ofthe above two steps has more enthalpy change. 

Thus it perrel a salts with high lattice energy would tend to dissolve with 


absorption of heat (i.e. cooling effect). : 
An interesting corollary of Le Chatelier principle. (vide P, 218) 
may be pointed out in this connection. Ifa salt dissolves in a nearly 
saturated solution with evolution of heat, the solubility of the salt 
would. decrease with increasing temperature; on the other hand, 


8 
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if the heat of solution is negative, the solubility increases with rising 
temperature. In fact it is possible to calculate the heat of solution 
(in a nearly saturated solution) of a salt from _the temperature 
coefficient of solubility and vice versa, by using an equation 
similar to equation 14.23, P. 224, wherein solubility is inserted in 
place of equilibrium constant. 


Heat of Reaction of other Types—Besides the types of heat of 
reaction mentioned so far, there are various other heats of reaction, 
to name a few, heat of hydrogenation, heat of dissociation, heat of 
hydration, heat of crystallisation, heat of sublimation, heat of transi- 
tion, etc. Meaning of all these heats is apparent from the names 
themselves as they simply refer to the heat liberated in a particular 
type of reaction or process. However, they need no special considera- 
tion as they are subject to the same type of laws and treatment as 
given to the other heats in this chapter. 


Thermochemistry of Solution—Two very interesting results 
were obtained from a study of the heat effects in solution. The first 
result is known as the law of thermoneutrality of salt solutions, 
which states that when two dilute solutions of inorganic salts are 
mixed, heat is neither evolved nor absorbed, provided no precipita- 
tion takes place. The second result of importance is that the heat 
of neutralisation of a strong acid by a strong base is approximately 
constant and is roughly equal to 13,800 calories. 


Both the above results become easily intelligible in the light of 
the theory of electrolytic dissociation. When two salt solutions 
say, NaCl and KNO, are mixed, no reaction takes place but the 
mixture contains all the four ions, Na+, Cl-, K+ and NO,-, present 
side by side in the solution. Since the salt solutions are ordinarily 
completely dissociated, the net reaction is represented by 


(Nat+-CI-) + (K+-+NO,-)=Na++Cl--+K+4NO,- 


which indicates practically no reaction at all and so does not evolve 
any heat. In case of Precipitation taking place on mixing dilute salt 
solutions (for example, lead nitrate and potassium iodide), heat 
effects are usually observed. It can be easily shown that the heat of 
mixing in such a case is substantially equal, but opposite in sign, to 
the heat of solution of the Precipitated substance (i.e. lead iodide). 


Heat of Neutralisation—The constancy of the heat of neutra- 
lisation of all strong acids and bases, mentioned in the previous sec- 
tion, can be easily explained. According to the ionic theory, the 
net reaction in the neutralisation of strong acids and bases is the 
combination of H+ and OH- ions to form water as represented 
below— 


(Nat--OH-) + (H++Cl-) =Nat+Cl---H,0. 


Therefore, the observed heat of neutralisation is the heat of 
reaction of H++-OH-=H,O, which is equal to 13,800 calories. 
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The heats of neutralisation of some common acids and bases are 
shown in the accompanying table. 


Acid Base | Heat of neutralisation 
HCl LiOH ` | 13,700 cals. 
HCl NaOH | 13,680 ,, 
HCl KOH | 13,930 3? 
HNO, NaOH 13,690 2. 
HCl NH,OH 12,500 ,, 
CH,COOH NaOH 13,300 ,, 
CH,COOH NHOH Wee 
HS NaOH 3,800 ,, 
HS NH,OH 3,100 ,, 
HCN NaOH | 2,900 ,, 
HCN NH,OH 1,300 ,, 
HF NaOH 16,400 ,, 


However, if either of the acid and the base, or both be weak, the 
heat of neutralisation will not be equal to 13,800 calories. Suppose 
We neutralise a very weak acid say, hydrocyanic acid with caustic soda 
in solution. This process is found to evolve only 2,900 calories. 
The hydrocyanic acid will be practically undissociated and so we 
can represent the neutralisation in two steps, the ionisation of HCN 
followed by its neutralisation as shown below— 

HOCN=Ht+CN--+4 cals 


H++CN- 4-Nat-+OH-=Nat+CN-+H,0 + 13,800 cals. 


Adding the two equations we have 
HON-+Nat-+OH-=Nat+CN--+H,O + (13,800 +9) cals. 


Since q, the heat of ionisation, is generally negative, the observed 
heat of neutralisation for weak acids and bases will be less than that 
for strong acids and bases i.e. less than 13,800 calories. Hence, we 
conclude jes (q=2900 — 13,800= — 10,900) are 


that —10,900 calori 
necessary for the jonisation of one mole of HCN. 


DEPENDENCE OF HEAT OF REACTION ON 
EXTERNAL CONDITIONS 


(a) Influence of External Pressure—Heat of Reaction at Con- 
stant Volume (Qv) and at Constant Pressure (Qp): If the number of 
gaseous molecules formed by a chemical reaction is different from that 
present originally, the pressure of the system would change if it is 

lume, or the volume of the system would 


maintained at a constant vo í 
change if the external pressure 1S kept constant throughout. The 


heat evolved when the system js maintained at constant pressure is 
jon at constant pressure (symbolised, Qp) and 


called the heat of react 1 
is different from the heat of reaction at constant volume (symbolised 
Q,). The following three cases can be distinguished. > 
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(2) In case the number of gaseous molecules increases due to the 
chemical reaction (e.g. N50,=2NO,), increase of volume takes place 
if the pressure is maintained constant. The work done by this in- 
crement of volume is to be supplied at the cost of the energy of the 
system itself and so, the heat evolved at constant pressure Q p is less 
than that liberated at constant volume Qe by the amount of work 
done by the expansion of the system. 


(ü) On the other hand when the number of moles decreases due 
to the reaction (e.g. 2H,+O,=2H,0), the system contracts in volume 
and so, work is done upon the system which is liberated as heat; 
therefore, Qp becomes greater than Q, by the pressure X volume work 
done by the system. 


(wi) In case there is no change of volume due to equality in 
the number of gaseous molecules on both sides of the equation (e.g. 
H,+Ch=2HCl), Qp and Q, have one and the same value. 


If n moles of gas are produced in the reaction, the external work 
done by the gas is nRT (since work=pressure xvolume=PV=nRT). 
Therefore, the actual relation embracing all the above three cases 
is given by 


Qy=Qy — (n — m) RT=Q, —(An)RT ASS 


where ng=number of moles of gaseous products and n 
moles of gaseous reactants and therefore, An=n, — ny=net increase in 
the number of moles of gascous substance, and R has a value of 2 
calories. So, when An is Positive (i.e. the number of gaseous mole- 
cules increases by the reaction), Q pis less than Qo; and when An is 
EN (i.e. the number of gaseous moles decreases) Q p is greater 
than Q,. 


EXAMPLE 7. The heat of formation of methane at constant pressure is 18,500 cals. at 
25°C. Calculate the heat of reaction at constant volume. 


C+2H,=CH,+18,500 calories. 

Given Q,=18,500 cals., R=2 cals.; T=298° Abs. 

7,=moles of gascous reactants=2; ny=moles of gaseous products=1. 
“, An=net increase in moles =n n=l —- 2= =]. 
Substituting in the equation, Q,=Q, — AnRT, we get 
Q,=18,500-+( — 1) *2X298=17,904 calories, 


1=number of 


Alternative Thermodynamic Deriva: 
9.4 can be easily deduced from thermody 
the heat content function, H we have 


H=E+PV=E+2RT 
Taking difference between the final and the initial states and indicat- 
ing it by A, we get the required equation— i 
AH= AE-+(An)RT RHEL EDN 


This can be easily converted into the Q-form by substituting 
AH= — Q, and AE= — Q, and so we get eqn. 9.4, viz. s 


Q=Q.— (An) RT 


tion—The above equation 
namics. By definition of 
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(b) Temperature Dependence of Heat of Reaction—The 
thermochemical principles have an interesting application in the cal- 
culation of the heat effect of the same reaction at different tempera- 
tures. Consider, for definiteness, a specific reaction such as Pb-+30, 
=PbO occurring at constant pressure at two temperature T, and T, 
evolving Q, and Q, calories of heat respectively. Now, starting from 
lead and oxygen at the lower temperature T,, we can obtain lead 
oxide at the temperature T, in two ways. We may either allow 


the reaction to take place at 
temp. T, to obtain PbO at the cr C+D 
mh at To 


same temp. and then heat this 94] p'a 
up to the temperaute T,, The œ ES 
net heat evolved in the process is y J 

Q, — Cp* (T, — Tx) where È Q É Qe 
Cp * is the average molar heat © o 
capactity of litharge and the 

term C,*(T, —T;) is the heat A+ 6——PATH) _—_, AtB 
necessary for the final heating. at q —CpGp- T) at T2 


On the other hand we may Fig. 42—Diagrammetic Representation 

first heat up the mixture of Pb of Kirchoff’s equation. 
and 40, to the temperature Tg 
and then allow them to react to produce litharge at this higher tem- 
The net heat evolved is Qe — Cp 


perature evolving Q, calories. ; ; 
(Ta — T) where Cp is the heat capacities of the reactants 2.e. Pb-+40,. 


Now, since the final stage and the initial stage are the same in 
both the above cases, the thermal effects must be equal by Hess’s 


law or the law of conservation of energy, 2-6- 


Q:— Gp Ti T= Ris Cp*(T: T) 
Of, Qa — Q= (Cp— Cp") (Ta — T) 
= — AC, (T: —T,) 9.6 


where AC» means increase in heat capacity of the system. This 
equation is called Kirchoff’s equation. 
Alternative Derivation of Kirchoff’s Equation—The above 
equation can be very simply derived from the thermodynamic defini- 
tion of specific heat. The equation for constant pressure (P. 97) is, 
gH] _[eAH] 


_ [aH GEA Ge = | 
Cy= afin I or AOp 3T lp Ya 5 


Note that AgH=gAH because o 
of differentiation is immaterial. 
<. At constant pressure, dAH= AC,dT 
Integrating both sides within limits, and considering AC,» inde- 
pendent of temperature, we get 


f the well-known theorem of calculus that order 


(AH): — (AH)i1= AC, (Tz — Ty) 9.7 
which is the Kirchoff’s equation. ‘This equation becomes the same as 
if we substitute AH= — Qp since 


our previous equation (eqn. 9.6), if w 
AH is the negative of the heat of reaction at constant pressure. 
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EXAMPLE 8. The latent heat of evaporation of water at 100°C at constant pressure is 
538 callgm. If average Cy for water and steam are 1 callgm. and 8.1 callmole respectively 
Sor the interval, calculate the latent heat of water at 150°C. 


Here, the reaction is formally, water=steam. We have per gm basis, 
(AH) 1so=?; (AH) 190=538; Gp for water=1; Cp for steam=8.1/18; AC,=0.45—1 
— 0.55 and T, — T,=150 — 100=50. Substituting in equation 9.7 we get, 
(AH) s9— 538= — 0.5550; or, (AH)is9=510.5 cal/gm. i.e., latent heat of 
evaporation of water at 150°C is 510.5 calories/gm. 


“^. Pb+40,=PbO+52,460 cals. ; Q1=52,460 calories, 
C,*=molar heat of litharge=mol. wt. Xsp. heat=223 x 0.052=11.6. 


G,=atomic wt. of Pbxsp. heat+4 mol. wt. of oxygen Xsp. heat 
?=207 x 0.032-+16 x 0.215—10.06. 


* AG,=Cp* — G,=11.6 — 10,06=1.54. 


Substituting in the equation, Q,—Q,—= — AG (T:—T,) we have Q,=52,460 
—1.54 (300—18) 52,026 calories, 2 a ge " 


Chemical Affinity and Heat of Reaction (Stability of Com- 
pounds)—For more than a century chemists sought in vain for a 
numerical measure of chemical affinity. It was observed that re- 
actions which are strongly exothermic, take place with great ease and 
rapidity forming very stable products. Accordingly, Berthellot and 
Thomson identified the heat of reaction as a measure of chemical 
affinity. In other words, the larger the amount of heat evolved during 
the formation of a compound, the stronger will be the affinity between 
the component atoms i.e. the substance will be more stable. 


Two very simple objections can show the inadequacy of this 
principle. Firstly, the above rule cannot explain the formation of 
stable endothermic compounds and secondly, it ignores the fact that 
Most reactions are reversible and so, can go both ways. In fact, the 
heat of formation is in no way a measure of the stability of a com- 
pound, though in most cases an approximate parallelism is noted. 
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.. When a space-ship re-enters the earth, a tremendous amount i 

liberated by friction with earth’s atmosphere even though the latter equ ake 
there. This heat would endanger the life of the astronauts inside the space-ship 
unless it is dissipated away by some means. This is done by thermally protecting 
the space-ship by a layer of plastic material to form what is called an ‘ablative shield’. 
The chain molecules forming the plastic ‘ablative shield’ is decomposed into atoms 
and small molecules by the heat generated during re-entry, and this being an endo- 
thermic reaction counteracts the frictional heat during re-entry such that the tem- 
perature of the spaceship remains below danger level. It is to be noted that the 
re-entry heat is so intense that meteorites and shooting stars burn to ashes when they 


happen to be gravitationally pulled into earth’s atmosphere. 


Numerical Calculations—All thermochemical calculations are 
done by adopting any one of the following three methods. 

(1) Algebraic method—By manipulating thermochemical equations 
like ordinary algebraic equations using addition, subtraction, elimina- 
nation and transposition as necessary to get the required chemical 
equation [vide Examples 1 & 10] 

(2) Heat of Formation Method—By substituting AHy (enthalpy of 
formation) of all components in any thermochemical equation, con- 
sidering those of the elements to be zero (Note that AHy= — Heat of 
formation). [vide P. 107; also Examples 2, 3, 6 & 11). 

(3) Heat of Combustion Method—By substituting the heat of com- 

ponents in a thermochemical equation, [vide 


bustion of all the com 
P. 111; Example 5 ] and solving the equation for the unknown Q. 


Exampue 10. Find the heat of formation of caustic soda from the following data:— 
Na-+water=NaOH aq.+ 4H, +98,000 co aes 
H,+30,=H,0 +68,380 Li a (2) 


NaOH-+water=NaOH aq.+13,300 rs As 
Eqn. (1) can be written Na+H.O +water=NaOH aq.+4}H,+98,000 DR W 
for, the sodium first reacts with a water molecule and the product dissolves in excess 


water, 
Now eliminationg NaOH aq. between egn- (1) and (3) by subtraction and re- 
arranging we get— 
$a we (4) 


Na-}H,O=NaOH+4H2+84,700 te 
Subtracting eqn. (2) from eqn. (4) and rearranging we have, 

Na+ H, +40a=NaOH+ 153,080 calories. $ 
Therefore, heat of formation of NaOH is 153,080 calories. 
ene given that the heats of combustion 


alate the heat of formation of benzi 
pees n e cals., 94,380 cals., and 68,380 cals. respectively. 


O+754,300 cals. eee eset sl). 
i s me cn ©) 


& - (3) 


d (3), the enthalpy of formation of GO, and H,O are —94,380 

Pe urn Gay ibe respectively. Substituting these values of Enthalpy 

of Formation a eqn. (1) and putting AHBENz. for the Enthalpy of Formation 
of benzene we get— 

A¥inenz.+-0=6 x ( — 94,380) 

or, AHBENz.= — 17,120 calories. 

Heat of formation of benzene= — A 


Example 11. 

of benzene, carbon and hydroge 
G,H,.+15 O,=600;+3H; 
C+0,—GO,+94,380 cals. 
H,+30,=H;0 + 68,380 cals. 


+3x(— 68,380) + 754,300. 


Henz.=17,120 calories. 
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EXERCISES 


1. Explain what is meant by the following terms:—(a) heat of solution, (b) heat 
of formation, (c) heat of dilution, (d) heat of neutralisation, (e) lattice energy, 
and (f) heat of formation of a hydrogen atom. 

2. Define heat of combustion and describe an apparatus for its experimen- 
tal determination. Which is greater, the heat of solution of liquid sulphur or of 
sulphur vapour; the heat of combustion of diamond or of graphite; and why? 

3. State Hess’s law and show how it could be used to evaluate the heat of forma- 
tion in those cases where a direct determination is not possible. Illustrate with reference 
to (i) acetylene and (ii) hydrogen peroxide. 

4. Explain the terms exothermal and endothermal reactions. What relation 
exists between the thermochemical nature of a reaction and the stability of its 
products ? 

At 17°C the heat of combustion at constant Pressure of amorphous carbon to 
CO, is 96,960 cal., that of CO to CO. is 67,970 cal. Determine the heat of formation 
of CO at constant volume. [29,280 cals.] 


a 5. Calculate the heat of formation of anhydrous AICI, from the following 
ata :— 


2A1+6HClaq.=Al,Cl,aq.+3H-+239,760 cal. 

H,+Cl,=2HC1+44,000 cal. 

HCl+aq.=HCl aq.+17,315 cal. 

AICI;+-aq.=AlCl, aq.+76,845 cal. [160.980] 


6. Calculate the enthalpy of formation of gaseous hydrobromic acid from its 
elements from the following data:— 4 


(i) SO, aq.+402.=SO,aq. AH = — 63,700 cal: 
Gi) 2Br+SO,aq+H,O=2HBr aq+SO,;aq AH = — 54,000 3 
(iii) H,+30,=H,0 AH = — 68,400 ,, 
(iv) HBr-+-aq=HBr aq AH = — 20,000 ,, 


LAH = — 9,305 cal.] 
7. The heat of combustion of ethyl alcohol is 3,25,100 calories d tk i 
bee 2 a 329, t of acet 
acid is 2,09,500 calories. Calculate the heat evolved in the following ES ‘ 
C,H;0H+0,—+CH,GOOH+H,0 [1, 15,600 cal.] 


we The heat of neutralisation of strong acids by strong bases in dilute 
ze ution is found to be practically constant. How do you account for this 
Phenomenon? | Why is it different for acids and bases of poor strength? 


9. Sugge: ini R ie F 
hie a method for determining the heat of ionisation of ammonium 


10. The heat of combustion of methane is 210,800 cal. The heat of formation 


of GO, and H,O(/) are 91,300 cal. ie 
of formation of methane, i ae eee Te OE E 


s as calcite and aragonite. Suggest 
on, the direct transition being too slow 


ll. In nature calcium carbonate occur: 
a method for determining the heat of transiti 
to be measured. 


(a=97,000; b=68, 173; c=68,873; d=169,191) 

13, From the following data at constant volume at 17 

evolved in the conversion of acetylene to benzene (a) at 
(6) at constant pressure. 


°G calculate the heat 
constant volume and 
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Gi) C-+O,;=CO,+96,960 cal. 
(ii) 2H,+O,=2H,0O (liquid)+ 136,720 cal. 
Gii) 20,H,+150.=12CO,+6H,O (liquid) +-1,598,700 cal. 
(iv) 2CsHy+50,=4C0.+2H,0 (liquid) +630, 100 cal. : 
[Q,=130,800 cals; Q,=131,960 cals.] 
14. A solution of the composition CuCl,+10H,O is diluted with ‘b’ molecules 
‘of water. The heat disengaged in the dilution is expressed by the empirical formula, 


Q,= pen cals. The heat of solution of CuCl, in 600 moles of water is Q,=11,080 
cals. Find out the heat of solution of anhydrous CuCl, in 10 moles of water and 
find out the heat disengaged in the dilution of CuCl,+600 aq., the dilution being 
effected till there is no more thermal change. (6,231.6; 174.6] 

Hint:—Put 6=590 in the equation to get heat of dilution of CuCl,+10H,O 
to CuCl,+600H,O; again, put b=infinity in the equation after dividing the nu- 
merator and the denominator with b, whence we get the total heat of dilution 
of CuCl, +10H.O to be 5023. 

15. The heat of reaction GO+$02=CO:; is 57,600 calories at 18°C, Calculate 
the heat of combustion of carbon monoxide at 1000°C, given that the mean molar 
heats of GO, O; and CO, are 6.55, 6.5 and 10.5 respectively. [56,913] 
100°C, 539 calories per gm. are required. 
‘Calculate the latent heat of evaporation at 50°C, assuming Cp to be 8 for steam per 
mole and unity for water per gram. [566.8 cals/gm.] 

17. Assuming the heat of formation of GS, (9 (P. 106) calculate the bond energy 
of G—S bond given that the heat of atomisation of solid carbon and solid sulphur 
are — 125 and — 66 K-cals. respectively and molar heat of evaporation of OS, is 
6.4 K-cal. 

18. Define heat of solution a 
and heat of hydration of the ions. 

i dothermicit 

19 Disease HOW He EEA ‘eentry into the earth’s atmosphere. 


‘burning up’ of the space ships during r i 
20. The solubility of NH,NO; at 20°C is 192 gms per ml of water; AHsoln is 


+77 calories per gm. Calculate roughly whether an instant cold pack can be made 
with this system to produce quite below freezing temperature. 


16. To convert water into steam at 


nd discuss how for salts it is related to lattice energy 


y of bond rupture has been utilised to prevent 


i > 
qi We, 
se Library 
a; 
* cs 
ques did 
Re Calcutta 
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CHAPTER X 
THE SECOND LAW OF THERMODYNAMICS 


Introduction—While the first law (Ch. VII) establishes the 
equivalence between heat and work, it imposes no condition on their 
mutual convertibility. In other words, it never tells us under what 
circumstances and to what extent it is possible to convert one form 
of energy into another. Our experience however shows that there 
are some restrictions inherent in the nature of heat which limits its 
complete convertibility into work. For example, heat passes from a 
hot body to a cold body. First law tells us that the amount of heat 
lost by the hot body must be equivalent to that gained by the cold 
body but there is nothing in the first law which tells us that the 
heat has to flow spontaneously from the hotter to the colder body 
and not in the reverse direction. Taking another example, if we 
expand an ideal gas isothermally, the gas absorbs heat from the 
surroundings and converts it completely into work. If we could now 
take the gas back to its original conditior without leaving any change: 
in the surroundings, we could repeat the performance any number 
of times and could get an inexhaustible supply of work at the 
expense of the heat of the surroundings. There is nothing in the 
first law which tells the above process to be impossible because we: 
are not creating energy, but, we are absorbing heat from the sur- 
roundings and are completely converting it into work. However, 
our experience tells us that this is impossible. Hence, there must 
be some other law besides the first law, which governs the direction 
of flow of heat and the extent of its convertibility into work. And, 
this law is the second law of thermodynamics. 


Statement of the Second Law—The second law has beer 
stated in various ways: Clausius has stated it as follows: “Jt is 
impossible for a self-acting machine unaided by any external agency 
to convey heat from a lower to a higher temperature? Some other 
different statements though essentially the same, have been made of 
which that by Planck deserves special mention as it is very direct 
and definite. His statement in essence is that it is impossible to lift 
a weight and cool a body wihout leaving any other change. 


In other words, however ingeniously we might construct a ma- 
chine it is impossible to transfer heat from a lower temperature to a 
higher temperature, or to cool a body and completely convert this: 
heat into work without leaving any other compensatory change. 
This is not due to any mechanical defect in our machine, but is 
owing to some property inherent in the wnature of heat itself, which 
imposes some limitations on the direction of its flow and on the 
extent of its convertibility into work. Hence, a quantitative formu- 
lation of the second law would be to know what maximum fraction 
of an amount of heat can be converted into work and what are its 
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minimum compensatory changes. This can be best done with the 
help of an imaginary process, called Carnot cycle which we shall do 
shortly. 


Reversible and Irreversible Changes—Consider a quantity of 
water enclosed in a vessel fitted with a weightless frictionless piston 
(Fig. 43). The pressure on the piston will be the saturation pressure 
of water at this temperature, say, P. If the pressure on the piston 
applied from outside is also P, the system is in equilibrium and no 
change will take place. Suppose the external pressure is increased 
by an infinitesimal amount of P-+dP; the piston will move down 


p+dP P= 760 mm P-dP 


—— 


PISTON MOVES DOWN 
PISTON MOVES UP 


Heat RESERVOIR AT 100°C 


Fig. 43.—Reversible evaporation and condensation of a liquid. 


i ri into liquid. Similarly, if the 
1 all the vapour 1s condensed into liqu 7 
SARU E is decreased by an infinitesimal amount say, |to 
P—aP, the piston will slowly go up until all the water has been con- 
m d into Eee The above two processes where the driving force 
Mae SING: infinitesimally greater than the opposing force are 
at alee of reversible processes. „Hence any process whatsoever 
I process can be made to go in both ways by just inereestne, 
or AANE the applied force by an infinitesimal amount is ca le 
a reversible process. s A 
‘ f a close approach to a reversible process 
ees ee a if on external E.M.F. is applied to a cell 
actly balances the actual E.M.F., the cell reaction will 
a asta and the cell reaction can be made to run in 
] é applied E.M.F. is either slightly more or slightly 
M.F. of the cell. 
3 initi a Reversible Process—The concept of 
Meteatiee: Deputies Bh to the science of thermodynamics and_ 
Peete oars f reversibility there are a number of 


G r TENO a 
Nines foregoing dei, depending on the way of looking at the 


such that i 
come to a stanc 
either direction if th 
less than the true E. 
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process. An elegant definition depends upon the realisation that in 
a truly reversible process every intermediate stage is an equilibrium 
stage. We can therefore define a reversible process as one where all 
the intermediate stages are equilibrium stages, 7.€., a reversible process 
proceeds along an equilibrium path. 


There are two important points to be understood about reversi- 
bility. They are: 


(a) -1 reversible process produces more work than the same change (i.e., 
the same initial and final state) conducted irreversibly, and 


(b) AM natural processes, i.e. processes which take place spontancously, 
are irreversible. à 


The first point follows easily from the concept of work. If the 
applied force is less than the equilibrium pressure of the system, 
naturally, we are getting less work than the system is capable of 
yielding. For example, in the above illustration with water, suppose 
the water is at 100°C and so its vapour pressure is one atmosphere. 
If we apply a pressure which is almost equal to one atmosphere the 
piston will move up and will yield the maximum work. But if we 
apply a pressure which is perceptibly less than one atmosphere say, 
half an atmosphere, during the expansion the piston will go up 
against this pressure and we shall get only half the work for the same 
amount of water evaporated. 


The second point follows from the fact that.the reversible process 
is an infinitely slow process because the driving force is vanishingly 
small. But all actual Processes go with measurable speed which 
means that there is a measurable difference between the driving force 
and the opposing force. Hence, such a process must be irreversible, 
the degree of irreversibility depending on the difference between the 
‘driving and the opposing force. When a stone slides along a hill, 
the force and hence the work which could have been obtained by the 
fall of the stone is entirely lost. But suppose we could tie up this stone 
to some kind of spring which always applies a pull upwards just less 
than the pull of gravity. Eventually the stone will fall down to the 
earth though it may take an inordinately long time, but almost the 
whole energy of the stone will be found recovered and stored up as 
‘potential energy in the spring. In the unopposed fall z.¢. in a natural 
process the energy of the fall is irrevocably lost. Soa reversible pro- 
‘cess is merely hypothetical and can be. approached as close as desired 
but can never be fully achieved. 


Maximum Work during the Isothermal Reversible Expan- 
Sion of a Perfect Gas—Havine clarified the point that a reversible 
change produces more work than that obtainable from the 
‘same change conducted irreversibly, we might now calculate the maxi- 
mum work obtainable by the isothermal reversible expansion of a 
perfect gas. If a gas has a pressure P, and the external pressure is 
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reduced to P,;—dP where dP is infinitesimally small, the gas will 
expand to a volume V-+-dV and its pressure will fall to P,;—dP, when 
the gas will cease expanding. The work done by the gas is (P, — dP)dV. 
: If now the external pressure is 

reduced further to P, — 2dP, the 

aVa gas will again do a little expansion. 
3 by a very small volume dV, until 
its own pressure equals the external 
pressure, P, — 2dP. The work done 
in this stage is now equal to 
(P — 2dP)dV. Such a process in 
which the applied pressure is always 
neglibibly smaller than the gas 
pressure is to be continued on the: 
gas until its pressure falls from 
the original pressure P, to the final 
pressure P, and the volume in- 
creases from V, to V,. The above- 
described process is a reversible 


IZ 
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Sy 
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Fig. 44—Reversible isothermal J i 
expansion of a perfect gas. process according to our previous, 


definition and hence, yields the maximum work under the conditions. 


Therefore, the maximum work is just equal to the sum of all the small 
work terms like (Pı — dP)dV, (P, — 2dP)dV, etc. This summation 
can be easily done with the help of integral calculus as follows, for 


an expansion of volume from Vz to Vo. 
Maximum work=(P, — dP)dV+ (P, — 2dP)dV 
J (Pa 4 dP)dV-+-P,dV 
V, 
=f i pav=\ 2 RTAV 
vy, V 


1 


y, 
=RT \ 2 dV _RT In ValVy 
ee 
Since at constant temperature, Vaf Es 
Ve 
Maximum work=RT In A =RT In P, 


UE tere ey et e eam 
roborated by our experience of inflating bicycle 
shee te tase une Pic eapeuans eee ee 
the compression part of a 
AN grees lh. Pat AP) [Pa is smaller) as P, is greater than P,. 
hacen oe ae of leat th am) 2 a to 1 atm., and (b) 10 atm. to 5 atm. 


= T log P,/P. 
(a) Max. Work 3093 x<(B.31 X {hr} x 298 log 2=1.66% 10 ergs. 
; max. work is the same as (a). 


V,=P,/P2, 
10.1 


(b) Since P,:P; is the same, 
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This equation for maximum work in an isothermal reversible 
expansion of an ideal gas is important and will be often used. Note 
that when considering the reversible expansion of a vapour in contact 
with its liquid, we kept the applied pressure constant throughout 
because the pressure over a liquid does not change during ihe expan- 
sion of its vapour. In the above case, however, we had to conti- 
nuously vary the applied pressure because the pressure of an ideal 
gas falls during expansion according to Boyle’s law. However, the 
indispensable condition of reversibiltiy that the applied pressure must 
always be just smaller than 
the actual pressure of the 
gas was strictly adhered to 
in both the cases. 

The Carnot Cycle—In 
order to find out the amount 
of work which is obtainable 
from a given quantity of 
heat, Carnot devised an 
imaginary cycle, asequence 
of four operations on an 
ideal gas bringing it back 
to its original condition. 
Since the gas which is the 
working material in this 
imaginary engine, is brought 
back to its original condi- 
tion, its internal energ 
change is zero after the completion of the cycle, and so, by the first 
law (equation 8.4, p. 93), the algebraic sum of all the heat quantities 
absorbed by the gas during the cyle is equal to the algebraic sum 
of all the work done by the system. We now proceed to calculate the 


different heat terms and the different work terms in the various 
phases of the cycle. 


PRE SSURE 


VOLUME 
Fig. 45—Carnot Cycle. 


We start with a mole of an ideal gas at a pressure P}, volume V}, 
and temperature 7',, confined in a cylinder fitted with a weightless 
frictionless piston and carry out the following four operations 
onit. (Fig. 45). 

(a) First Operation—The gas is placed in contact with a large 
reservoir of heat at temperature T,, and is expanded isothermally 
and reversibly along AB until its pressure and volume change to P, 
and V, respectively. a 


We already know that in this process the ideal gas absorbs heat 
from the surroundings (here the heat reservoir at temperature Ta) 
and does an equivalent amour t of work given by equation 10.1. LA 
us call the work done in this first operation w, and the heat 
absorbed g (it is called q, to keep similarity with 7). 


"~ w =q: = RT; ln z> (a) 
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(6) Second Operation. The gas which is now at a pressure Pg, 
volume V, and temperature T, is isolated from any source of heat 
and further expanded adiabatically along BC to a pressure P, and 
volume V, We know that the temperature falls in an adiabatic 
expansion and let the new temperature be T}. Since the process 
is adiabatic, (q=0), we know (equation 8.5) that the work done at 
this second stage (called we) is equal to the decrease in internal energy 
of the system. 

wg NE =C,(22—T) 6a) 

(c) Third Operation—The gas, now at pressure Ps, volume V3 
and temperature T}, is placed in contact with a heat reservoir at 
temperature T, and is compressed isothermally and reversibly along 
CD to meet the adiabatic curve passing through the point A i.¢. to 
the point D. Let the new pressure be P, and volume V,. The 
compression is conducted isothermally and hence the temperature 
remains constant at T}. During this compression along CD the gas 
gives out heat to the heat reservoirat T}. Let this amount of heat 
be qı. Since the gas is an ideal one, this amount of heat is equal to 
the work done upon the gas, called ws, which is given by just the 
negative of the work done by the gas in the reverse process i.e., in the 


expansion along DC. 


se) 


as isnow thermally isolated and is 
compressed adiabatically along DE to bring it back to its original 
pressure, volume and temperature. As in the second stage, g=0 
and the work done upon the gas during the adiabatic compression, 
w, is given by the increase of internal energy. 
ri a Ns EU aa 
is now back to its original condition t.e, it has uncer- 
ee Ganplete cyclic operation and hence according to the first 
Taw the total work done by the gas 18 equal to the total heat absorbed 
by the gas. The total work done by the gas is equal to the work 
done by the gas during expansion in the first and the second stages 
minus the work done upon the gas during the compression in the 


third and the fourth stages; #-¢-, 
Total work done, w=wj HW — W — Ws (=Area ABCD) 
Also, the total heat absorbed bythe system 1s equal to the heat 
absorbed by the system at T, minus the heat given out at the 
temperature 7; i.e., 
Total heat absorbed =92— 41: 
Since, total heat absorbed =total work done, we have 


y, 
w, = q= RT, In 7, 
(d) Fourth Operation—The g 


EU aa 
wy Hw Ws 


Wg 
RTV] V,+6,(L2—71) —RT4InV,/V,—C.(T's—7) 
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Also, we proved earlier (egn. 8.22 P. 102) that for any adiabatic 


expansion, VT GIB — constant and therefore, for the two adiabatic. 
curves, BC and AD, we have 

VT, Clk sy, TCR ana yp, = yp, CoR 
which on division gives V,/V, = V}/V,. 

Therefore, eqn. (e) becomes, 


w = —-Q=R (T,—T,)ln 2 
1 


Dividing this equation by equation (a) we get the following 
very important equation, correlating the amount of work (w) 
obtainable from a giving amount of heat. 


w_@—hn T-T, 


T Ta T, 10.2 

Maximum work obtainable _ Temp. Difference 
eas Heat absorbed Temp. atwhich heat is absorbed 
i.e., Efficiency (of any reversible engine) = ae z- 10.24 


Now, q is the heat absorbed at the higher temperature Tp, w is 
the maximum work obtainable from the cycle and hence the term w/qa 
is the fraction of the heat which is converted into work. Therefore 
we-come to an extremely important conclusion that the maximum 
fraction of the heat which is convertible into work from a Carnot cycle 
depends only on the temperature of the two heat reservoirs and not on 
the nature of the working substance, or anything else. The quantity 
w/qo, is called the thermodynamic efficiency of the cycle and equation 
10.2 or 10.2a may be regarded as a mathematical expression for the 
second law. à 

From the above equation for the efficiency of a Carnot cycle or- 
any reversible cycle whatsoever, the interesting fact.emerges that heat 
energy at higher temperature is more precious than heat energy at 
lower temperature, because more of the former can be converted 
into useful work. So, in the sense of convertibility to work, heat and 
work are not completely equivalent, and they can be regarded as 
completely equivalent only at an infinitely high temperature. 


Generality of the Equation of Carnot Cycle—We have derived 
the above expression for the efficiency of a Carnot cycle. Its import- 
ance however comes from the fact that it is also true for any other 
cycle using any material we like, provided we carry out the operations 
reversibly between the temperature limits, T, and T,. The proof 
of this is very simple. Suppose we have a reversible engine working 
between the two temperature 7’, and T, and having a higher effici- 
ency than the Carnot engine. We can immediately couple the two 
engines so that the new engine runs directly and the Carnot’s one 
runs in a ‘reverse way, such operation being possible because these- 
engines are completely reversible. If we now adjust matter such that 
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the heat given by the new engine to the low temperature reservoir 
is exactly taken up by the Carnot engine in its reverse operation, 
we shall have ultimately created a combination of engines which 
is continuously converting heat into work without leaving any other 
change. The latter process is impossible according to the second: 
law. Hence, any reversible engine whatsoever has the same efficiency as 
the Carnot engine, provided the temperature limits are the same. 


Itis natural for the student now to raise the question what 
happens if we do rot carry out a change as prescribed by Carnot, z.e., 
by a series of isothermal and adiabatic changes. Without going into 
ary details about the matter, we can say that the importance of 
Carnot equation still remains unimpaired, because any reversible cycle 
whatsoever, without any restriction about the nature of the substance, 
about the operating conditions and sequences, and about anything, 
provided it is completely reversible, can be shown to be equivalent to 
a large number of Carnot cycles for each of which the Carnot equa- 
tion is valid. Hence comes the importance of the Carnot equation. 


The Concept of Entropy—If we transpose equation 10.2 
which is a mathematical expression for the second law, suitably, 


we get, 


Heat absorbed at Ts Hs Heat Juul atT, _ 0 . 103 
a Oi C0 
Since the equation derived for Carnot cycle is valid for any other 
reversible cycle and in fact since any reversible cycle can be shown 
to be equivalent in the limit to a large number of Carnot cycles, the 
above equation is valid for any reversible cycle whatsoever. Now, if 
we define a function S, to be called entropy, such that 

Heat absorbed reversibly aver 19.4 
AS = ‘Temperature at which the heat is absorbed p? 


we can immediately write equation 10.3 as follows. 


(AS) r4 (AS) ra = 0 (for a complete ole) E 
This equation (10.5) is quite a gencral one and it ee that 
the sum of all AS terms over any reversible pennaa or e is zero. 
In other words, if we pass from a state Atoa state a y any see 
sible path and again come back by any other reer Ie rae re tie 
original state A, the AS by the first path is caus oe i. A i yt te 
second path or any other reversible path. as, Da s only 
on the state of the system and not in the least on how that state has 
been arrived at; i.e., Sis a state function. That S (entropy) as defined 
above is a state function is undoubtedly the most fundamental and 
the most important consequence of the second law. This property S, 


defined by equation 10.4, is called the entropy of the system. 


te tropy—Hence, we define entropy as follows: 
ae errand He nee EA ‘two states ofa given system is equal 


9 


or 
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to the summation of the Qyev-[T-terms of all the steps necessary to bring 
about a reversible transformation between theses two states, where d,ev- 
stands for the heat absorbed reversibly and T the correspond- 
ing temperature. If the temperature does not remain constant 
throughout the change, a definition involving infinitesimal quantities 
of heat has to be introduced as shown below (eqn. 10.6). 


_WWren- pa Cy NCC ee F drer, 
ds= or AS=S,—S, = ; T PELOG 
This definition is quite a general one applicable to any type of 
transformation for calculation of the entropy change associated 
with it, and should be memorised. 


Two Critical Remarks on Definition of Entropy (i) It should 
be realised that this definition of entropy has nothing io do with the 
second law, but the latter’s existence only makes the entropy, a state 
function, which means that entropy has a definite value for each state 
of a system independent of the way in which that state has 
been attained. Hence, the entropy change depends on the initial 
and the final state, and not at all on how the change of state has been 
brought about. This makes dS a perfect differential (p. 93) 


At 25°C & latmos: 
AH= —31,300 cals 
AS=}-20:6 "aia 


AG= — 25,140 cals 


Fig. 46—Various energies in a chemical reaction. 


(i) The second point and a very important one about entropy 
‘needs clarification at this stage. In the definition of entropy in the 
above equation it should be noted that the numerator is the amount 
of heat absorbed reversibly. Suppose we take in a vessel a gram atom of 
mercury and combine it with a gram atom of chlorine to form a gram 
mole cf mercurous chloride at 25°C (298°K) and 1 atm. The system 
will liberate 31,300 calories of heat t.e., the system absorbs —31,300 
calories. The entropy change AS of the system however will not be 
equal to —31,300/298 e.u. (entropy unit), because the above reaction 
has not been conducted reversibly. We can however conduct the 
game reaction reversibly in various ways, for example, in a reversible 
galvanic cell, by combining a calomel electrode with a chlorine 
electrode. If we now measure the heat absorbed by the galvanic cell 
where the same reaction is going on and divide this heat absorbed 
by the temperature (°K), we shall get the entropy increase in the 
above reaction. In fact, this electric cell will now evolve only 6,160 
calories and so the entropy increase is only —6,160/298= —20.5 e.u. 
(entropy unit, i.e. cals per °K per mole of calomel formed). 
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Entropy change during Isothermal Expansion of a Perfect 
‘Gas—It should be once again emphasised that the heat absorbed 
divided by the temperature is not equal to the increase in entropy but 
the latter is equal to the heat absorbed reversibly divided by the tem- 
perature. Suppose we take a gas and allow it to expand in a vacuum 
as in Joule’s experiment. It is found that the gas does not absorb 
any heat i.e., g=0. But the entropy increase is certainly not zero 
because the above expansion has not been conducted reversibly. The 
entropy increase would be equal to the heat absorbed by the gas 
«divided by the temperature if the gas was allowed to undergo the 
same expansion reversibly. In the above case [eqn. 10.1] we know 
that when a perfect gas expands isother mally and reversibly from a 
-volume V; to V, the heat absorbed is equal to the work done =R7’ 
«dn V/V, and therefore the entropy increase is this quantity divided 
by the temperature t.e. R In V/V, The student might wonder 
why though the system is absorbing no heat in Joule’s experiment, 
the entropy is still increasing. The reason is (as we have proved 
above from the Carnot cycle) that the entropy increase is indepen- 
‘dent of how the change is brought about and depends only on the 
‘initial and the final states of the system and is equal only to the heat 
„absorbed reversibly divided by the temperature. ; 


e Study of the First and the Second Law—The 

of the first law and that of the second law are 
‘basically similar. The first law introduces a new concept, a quantity 
called internal energy which is a characteristic of the state of the 
‘system; similarly, the second law introduces a new function, called 
-entropy which is a characteristic of the state of the system and is not 
at all dependent on the path of a change. Also, in the first law we 
ange of internal energy by the energy we putinto 
the energy we take out of it; similarly in the 
second Jaw the entropy change is measured by the heat energy we 
put into the system divided by the corresponding temperature, 
-summed up over the whole path of the change, provided the whole 
change is conducted reversibly. The concept of internal energy is 
as much a logical invention of the first law as is the concept of 
‘entropy of the second law. The only difference as we shall see later 
is that energy is indestructible and so easily appeals to our material 
-comprehension whereas entropy always increases in any natural 
process, which is unlike any material change we are familiar with, 

So the first law tells us without any bias towards any particular 
direction of change, which processes are energetically possible, while 
the second law poirts out the direction in which these processes would 
go. Borrowing terminology from mathematics, one might say that 
the first law enforces a necessary condition while the second law 
prescribes a sufficient condition for a change to take place. 


Molecular Interpretation of Entropy—Though thermodyna- 
“mics is based on humar experience and so is not concerned with 
or molecular concepts, it is very instructive to 


-structure of matter € i 
«consider the molecular basis of entropy. Since all natural process 


Comparativ 
“modus operandi” 


measure the ch 
‘the system munus 
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leads to a net increase of entropy (P. 133, eqn. 10.8) and also since 
there exists a natural tendency for an ordered set of things to get 
disordered through interplay of natural forces, we can identify 
increase of entropy (AS) as increase of disorder or randomness of 
a system on a molecular level. Thus, we can say that entropy is @. 
measure of the disorder or randomness of a system. 

The above idea has been quantitatively formulated by. 
Boltzmann in his famous equation S=k In W, where S is entropy, 
k is Boltzmann constant (=R/N) and W is the thermodynamic 
probability of the system, t.e., the number of ways in which the mole- 
cules can be arranged to produce the same system. However, all. 
these do not explain why a system tends to change to a state of higher. 
entropy, i.e., higher disorder or higher thermodynamic probability;. 
this is merely a habit of nature. 

Increase of Entropy as a Measure of Unavailable Energy—. 
The increase of entropy is a measure of the increase in disorder 
introduced in the system on a molecular level. Since disorder is 
unavailable energy (i.e. that portion of energy which cannot be con- 
verted into useful work), we can as well say that increase in entropy: 
of a system is a measure of the extent to which the internal energy 
of the system has become unavailable for doing useful work, i.e., the: 
extent of degradation of energy. As a matter of fact the unavailable 
energy is equal to (¿) TS for any system and (ii) TAS for any final. 
state of a system compared to the initial state after any physicochemical 
change. 

For example, in the reversible isothermal expansion of a perfect 
gas, entropy increases by R /nVa/V, (P. 131). This means that the 
expanded gas is more disordered than the compressed gas and a 
numerical measure of this disorder is R InV.fV,. So, we can say 
that the internal energy of the expanded gas contains less useful 
work than the compressed gas and its value is T AS=RTMV2/V45. 
and this has been already obtained as useful work during the change. 
Note that in this case of a perfect gas, the internal energy content 
happens to be the same in both the states. [Vide also P. 136]. 


Total Entropy Change in Reversible & Irreversible Processes— 
So far we have been considering the entropy change of the system 
only. For example, in an isothermal reversible expansion of a gas we 
calculated in a previous section the increase in entropy of the gas, but 
during the above process not only the gas but also the surroundings 
have undergone a change in entropy. Since the process is ideal,, 
the surroundings have lost an exactly equal amount of heat at the 
same temperature as the gas has gained during its reversible expan- 
sion. Since entropy increase is defined as heat absorbed reversibly 
divided by the temperature, we immediately see that the increase of 
entropy of the gas is equal to the decrease of entropy of the surround- 
ings. That is, the total entropy change in the above reversible process. 
is zero. This is however true of any reversible process as is implied. 
in the definition of reversibility and entropy. Hence we can write 
AS=AS,+ AS.+ AS;+..=0 (for any reversible process) .. 10.7 


THE SECOND LAW OF THERMODYNAMICS 133 


where AS; AS} ASs; etc., represent the entropy increase ofall por- 
¢ions of matter which have suffered any change of entropy. In 
other words if we had an isolated system where all changes take place 
reversibly the total entropy like energy would remain constant. 

Consider now the same change conducted irreversibly. Taking 
the extreme case, suppose the gas does the same expansion against 
a vacuum. In this case no heat will be absorbed fiom the surround- 
ings and so the surroundings will not undergo any change in entropy. 
However, the gas has undergone a change of eniropy exactly equal to 
what it did in the previous reversible expansion, because the entropy 
increase does not depend on the actual amount of heat absorbed by 
the gas, but depends only on the heat which the process would have 
„absorbed if it had been conducted reversibly. Hence, afier the above 
irreversible expansion the total entropy (provided the systcm and the 
surroundings are both taken into account) will be higher than that at 
the beginning. The same holds true as long as the expansion is irrever- 
sible, because in all such cases the loss in heat by the environment 
will be less than what it would have lost in a reversible process. This 
condition applies to all irreversible processes whatsoever, and so we 
‘come to a very important conclusion that in any irreversible process the 
total entropy increases i.e. 

AS=ASi+ ASo+ AS3....>0 (for any irreversible process) . . 10.8 

As an illustration let us consider by a rough calculation of 
‘entropy, what happens wher a hot body equalises its temperature 
with a cold body. The hot body has lost q calories and the cold 
‘body has gained g calories. But since the average temperature Ts 
cof the hot body is higher than the temperature T; of the cold body, 
the entropy decrease of the hot body (¢/T2) is less than the entropy 
increase of the cold body (g/T;); and hence the total entropy increases 
in the process. This is true for all natural z.e. spontaneous processes. 


Hence we can write, : 


dq re v ; ) 
(a) a= ES = 0 for a reversible process 


(6) F sy > 0 for any natural process 
tersely summarize the first and the second 
of the universe remains constant, and the entropy 


see) ee LOLO 


This fact led Clausius to 
laws by saying that the energy 
-of the universe tends towards a maximum. 

The significance of equation 10.8 or its differential form (equa- 
tion 10.95) is somewhat disconcerting from our material standpoint. 
“They signify that whatever happens round us, the total entropy in- 
creases though the total energy of course remains constant. 
Evidently, the universe 15 slowly but surely drifting towards 
the state of maximum entropy ive. maximum possible 
unavailable energy and molecular disorder. And, once that 
state is attained all production of useful work would cease and 
so life as we understand it, would be impossible. This inevitable 
and irrevocable transition towards an ultimatum was fully realised 


134 ELEMENTARY PHYSICAL CHEMISTRY 


by Clausius in the last century when he made the grim prophecy of 
ultimate ‘thermal death’ of the universe when no work would be possible 
owing to an absolute equalisation of temperature. 

Conditions of Equilibrium—Equation 10.9(a) provides us 
a clue to the most gencral statement of the conditions of equilibrium. 
Since all stages of a reversible process are really equilibrium condi- 
tions, any system which is in equilibrium must satisfy the condition: 


dS=0 -- 10.10 


If we leave hydrogen with chlorine, they go on changing continu- 
ously to form HCl because by doing so, the total entropy is increas- 
ing. A hot body gives heat to a cold body because the total entropy 
increases by this process. It should be carefully noted that when. 
hydrogen and chlorine combine to form HCl, the entropy .of the 
system does not increase, in fact it decreases. But the above equation 
10.9 says that the total entropy increases i.e., in this case the increase 
of entropy of the surroundings must be greater than the decrease of 
entropy of the hydrogen-chlorine mixture. Finally, the equilibrium. 
is reached, because the entropy has reached the maximum and cam 
not increase any more (vide also P. 137, eqn. 10.18). 

FREE ENERGY FUNCTIONS AND EQUILIBRIA 

Though equation 10.10 involving entropy is the most fundamental 
general statement for equilibrium, it is very inconvenient for applica- 
tions to chemical systems. The reason is that here we have to 
compute not only the entropy change of the system under study but 
also that of the surroundings. Chemists have however found out 
some other functions called free energy functions (F and G; see 
below) which are propertics of the system only and not at all’ 
concerned with the surroundings and these are adequate for study of 
chemical equilibria. These two functions are discussed below. 

(i) Helmholtz Free Energy—The first function is called 
Helmholtz free energy (also called work content function) and is 
symbolized by F. (Some authors symbolize it as A; A=Arbeit=Work 
in German) It is defined by the following equation. 


F=E~—TS ae Oe 
For any change at constant temperature this becomes— 
AF=AE—TAS (at constant temperature) Yams LOELD: 


The student could immediately see from the definition of entropy we 
have given in a previous section that TAS is the unavailable 
energy and AE is the total energy change, and their difference AF 
is evidently the useful work. We however proceed to prove this, 


According to the definition of entropy, we have at constant 


temperature 5 
AS=4 re v/T ` 

and applying the first law to the same reversible process which, of 

course, at constant temperature yields the maximum work, we have 
AE =q re o Wan an 

Substituting these two values in equation 10.12 we get 
—AF=W maz -- 10.13 
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i.e. the decrease of the work content function F at constant tempera- 
ture is equal to the maximum work done by the system. 


(ii) Gibbs Free Energy—We now define another function G, 
(some authors give this the symbol, F) called simply free energy (also 
called Gibbs free energy, or Gibbs function or free enthalpy) by 
the following equation: 

G=H-TS ae Sg -. 1014 

AG = AH-—TAS (at constant temperature) pa IOI 
ible change takes place at constant temperature 
T and at constant pressure, P and the system changes in volume by 
AV. The work of expansion of the system is PAV and suppose the 
system does an additional amount of work*, w’ which let us 
call NET WORK. Hence, the total work done by the system is 
w=w'+PAV. Therefore we have from the first law, 

AE=(7 r o v-)p—W=(re e)p 2 EAN 

s AE+HPAV=(1 r e v)p—w" 

By equation 8.8 (P. 96), this becomes AH = (qr e v)p w" 
However, from second law eqn. we have AS=(q r ev) pl T 
Substituting these values in the definition of free energy function 
ie. AG= AH—T AS (eqn. 10.15), we have, 

AG=(Tre v) w -T(r e v) oT 

= —w’ } b 

s. —AG=w'=w—P AV 
‘Hence, the decrease in Gibbs free energy 
temperature and at constant pressure is equa 
work minus the pressure volume wor 


Suppose a reversi 


10.16 


, in any transformation at constant 
1 to the net work i.e. the total 
k due to the system’s own 


volume change. 
The student should now carefully note the imposed conditions of equations 10.13 
and [0.16 i.e. —AF=total work, provided temperature 1s constant and —A G 
mperature and pressure are constant. Also note 
i t throughout the change because 


is to be maintained constant th i I 
which is otherwise not valid, but 


the only restriction about pressure 15 In the term PAV which only ane 
that the initial and the final pressures are to be the same but allows us complete liberty 
to change the pressure i “ing the transformation provided we adhere to- 
the overall restriction that the process is revers 
subtle point and should be carefully note c 
The students should be careful to avoid the fallacy that any 
reversible process yields the maximum work. This is quite e:1oncous 
hat any reversible process yields 


and misleading. The main idea is t f : i 
more work than ifthe same overall change is conducted irreversibly. 


that the temperature 
we have uscd the 


In any reversible change, 


*Thi int should 5 
ee Da le is not only the pressure x volume work due to cx- 


k obtainab wW 
che SENOR tee of the system but also there may be additional amount of 
work. As for example in the calomel formation reaction as discussed on P., 130, 
the pressure volume work due to the gross change in volume of the system is only 
—4RT (about —300 calories) but the available net work (—AG) is a few 


thousand calories. 


not introduce any difficulty. 
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But the same change can be brought about in an infinite number of 
reversible ways and the yield of work may be different in each case. 
In other words, given only the initial and the final conditions, it is 
not possible to state the maximum amount cf reversible work obtain- 
able out of the change. Only if we put another additional restriction 
that the temperature is constant throughout, the maximum reversible 
work, w becomes definite and fixed, and equals the decrease in the 
work content function i.e. (— AF) of the system. 


Available and Unavailable Energy—The free energy function 
gives a deep insight and understanding of the inter-convertibility of 
heat and work in any process. We proceed to demonstrate it as 
follows: Since — AG = w’ i.e. net work or useful work (eqn. 10.16) 
and—AH=Q z i.e. heat of reaction at constant T and P (P. 104 Eqn. 
9.2), we obtain by substitution in egn..10.15 (ie, AG= AH—T AS) 

—AG= —AH+TAS 
or w'=Q p+ TAS 

or Useful work=Heat of Reaction-+-T AS saa PIOI. 
It is evident from equation 10.17 that if AS is positive in any change 
we shall get more useful work than the heat of reaction. This 
“is easily understandable because this extra work comes from the 
order—-disorder accompanying the increase of entropy. On the other 
hand if AS is negative, we shall get less useful work than the heat 
of reaction because a portion of the energy will-be spent in bringing 
about disorder—order associated with the decrease of entropy. 
So it is seen that the heat of reaction (the ENERGY FACTOR) is not 
the only factor which determines the direction of a chemical change 
but TAS (the ENTROPY FACTOR) plays an equally important 
role. The net balance of these two factors such that the right hand 
side of eqn. 10.17 is positive will make a reaction possible. 


There may be even extreme cases where AH=0 or even Positive ` 


(i.e. endothermic) but the process goes to the right because the entropy 
change, being positive, supplies the driving force. Thus two gases 
mix spontaneously even though AH=0 because the entropy (disorder) 
increases (P. 147). Evaporation in a vacuum is a spontaneous process 
even though highly endothermic because of the over-riding positive 
entropy change. Many chemical reactions involving isotope exchange, 
for example H, +D,=2HD, have very small heat of reaction but is 
favoured towards the right-hand side because of the positive entropy 
change (HD is more disordered than the symmetrical H, or D,). 
Note carefully that TS is the unavailable energy of a “pure” system 
as it is, and T AS is the unavailable energy of the final system com- 
pared to the initial (vide also P. 132). 


Free Energy & Chemical Equilibrium—The importance of 
Gibbs free energy, G lies in the fact that any system at constant 
temperature and pressure tends to attain the position of minimum 
free energy which is the position of equilibrium. This may be com- 
pared to the tendency of all mechanical systems to reduce the poten- 
tial energy to a minimum, ‘Thus, free energy is the thermodynamic 
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analogue of potential energy. However, many scientists object to 
calling it free energy but call it merely Gibbs function because in 
many changes free energy unlike true mechanical energy is not 
conserved, but nevertheless we shall continue to follow the conven- 
tional usage and call G the (Gibbs) free energy and AG, the (Gibbs). 
free energy change. 

Since free energy tends to a minimum, we can immediately write 
the following relations to be true for any change (at constant T and P): 

AG=negative... for a natural i.e. spontaneous process 

AG=positive... for an unnaturgl process Aa 

AG=0... for an equilibrium 
These relations are very convenient for application to all changes at 
constant T and P, and so to chemical changes. 

Chemical Affinity and Free Energy—tt is thus seen from 
equation 10.18 that the Gibbs free energy change, (—AG) of a 
chemical reaction is the driving force or the affinity behind the reac- 
tion, and only processes for which AG is negative may take place 
spontaneously. For the reaction, 

H,+30,=H,O; AG? = —56,690 calories 
and oxygen to a mole of water at 
decreases in free energy by 56,690 


10.18 


means that if we convert hydrogen 


unit pressure and 25°C, the system : 
calories. In other words if we had conducted the same reaction re- 


versibly, we could get 56,690 calories of useful work, and hence it is a 
spontaneous reaction and the affinity is 56,690 calories under standard 
conditions. Note that Affinity = — AG= w ‘= Net work. 

An application of this concept is illustrated by the following 
two equations which show two possible ways of decomposition of 
hydrogen peroxide and t heoretically calculated 


Gibbs free energy changes. 
(a) H,O, = H,O +303; 
(b) H,O; = H, +03; 
It is thus clearly seen why hydrogen peroxide is more prone to de- 
compose to water and oxygen rather than to hydrogen and oxygen. 
A negative value of AG does not necessarily mean that the process 
does take place spontaneously. It merely indicates the possibility 
of the reaction provided the conditions are right. Thus a mixture of 
hydrogen and oxygen can remain indefinitely without any detectable 
change. When a catalyst like platinised asbestos is introduced, the 
two react with explosive violence. The reaction would not have , 
occurred even wit f the thermodynamic possibility as shown. 
by a decrease 0. ted with the reaction was not present. 
Suppose we wan ammonium ritrite by a new 


reaction 
s Na+2H,O = NH,NO2 
Instead of searching for catalysts and running innumerable trial 
experiments to know the possibility of such a scheme, the question 


he corresponding t 


AG°= —25,090 cals 
AG°= +31,470 cals 


h catalysts if | 
f AG associa 
t to manufacture 


\ 
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might be settled by a simple calculation of AG from the existing: 


thermal data and see whether it is a negative or a positive quantity. 
Actually it is found that AG is a large positive quantity for the 
above reaction and hence we predict that the reaction has little chance 


of being a commercial success. For determination of the free energy 


change ofa chemical reaction, vide P. 224 & 278. 

Variation of Free Energy with Temperature and Pressure— 
Since by definition G = H —TS and H = E+PV, and since they 
are perfect differentials (P. 92) we can differentiate both the equa- 
tions, when we obtain 


dG = dH > TdS —SdT aa 
and dH = dE+PdV+VdP ERD) 
Eliminating dH we have, 

dG = (dE+PdV) —TdS—SdT+-VdP Sa A(c) 


Now according to first law dE+-PdV = heat absorbed (P. 91; eqn. 8.3) 
and according to second law TdS = heat absorbed reversibly. Since 
differentiation implies reversible paths, we can therefore equate, 
dE+-PdV with TdS, that is we can cancel out (dE+-PdV) and TdS in 
eqn. (c). So we obtain the differential form of the Gibbs free energy 
function, an extremely important equation, viz. 
dG = —SdT+VadP Soe AWE) 

where T and P are the independent variables. 

(i) Change of Temperature—Evidently, if P is constant 
(i.e. dP=0), we get 


aG é JAGAT, 

GQ ps 0. (FR H ES 1020 
which gives the variation of free energy with temperature. 

Note that since for any system S (entropy) is always positive, 
equation 10.20¢ merely asserts that the free energy G of any “pure? 
substance always decreases with temperature. This only reflects the 
fact that on molecular basis any system becomes more random or 
disordered with increase of temperature. . Equation 10.20) means 
that for any transformation (say, a chemical reaction) at constant 
pressure the variation of AG of the transformation with temperature 
is the negative of the entropy change associated with that transforma- 
tion. So eqn. (a) applies to a “pure” system, whereas (b) to a system. 
which undergoes a physico-chemical change. 


(ii) Change of Pressure—From eqn. 10,19 by putting dT =O we get 


(a) (p= ¥ (5) Coe ee AV 10.21 


which give the variation free energy with pressure. 


We may point out that the Helmholtz free energy, F (see P. 134) can 
be similarly dealt with and the corresponding equations are as follows 


(for derivation vide eqns. 10.29 and 10.30). 
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Differential form: dF = —SdT +PdV mie, 2LOI22: 
Temp. Variation: ae =-—-S; (Gr v =— AS.. 10:23 


Gibbs-Helmholtz Equation—The G-H equation is easily deduc- 
ed by combining the definition of G (eqn. 10.14) or AG (eqn. 10.15) 
with the expressions for their variations with temperature (eqn. 10.20 
a & b) as deduced in the previous section. Thus we have by definition 


G=H-—TS; AG = AH-T AS (at const. T) 
aG\ ion AES 
and from eqn. 10.20 Gi) = —S; ( ar y =A 
Eliminating S from the first pair or AS from the second pair, we get 


aG\ . ar (24S 
(a) G-H =T (T) ; (8) AG—AH=T ( FT i .. 10.24 


These equations are known as Gibbs-Helmholiz cquation, (a) being 
suitable for application to “pure” systems and (b) being applicable 
to any transformation at constant temperature. The significance of 
(a) is that the heat content of a system is not wholly free energy and 
is given by eqn 10.24(a). Eqn. (b) means that the net work obtainable 
from any process at constant T and P is not necessarily equal to the 
heat of reaction but they are related by equation 10.24(6). 

Ifinstead of G, the function F is used another form of Gibbs-Hel- 
mholtz equation (G-H eqn.) is obtained. Thus eqns 10.11 or 10.12, viz. 
(a) F =E—TS and (b) AF = AE—T AS (at const. T) may be 
combined with eqn. 10.23, viz. 


(a) (ry =— S and (b) 2E EAS 


After climination of the entropy term from the corresponding pair 


we get a 
F —AE=T (22° 
(a) F-E=T (Fy and (b) AF— AE ( 5 


10.25 


i f Gibbs-Helmholtz equation. Some other 

which are other DA be obtained by KIEN Gaee 

p — n. 10.13) or w’ (net work) for — AG (eqn. 10.16) 

Note ae e r nan the variation of free energy with tem- 

perature and so are merely other forms of eqns. 10.20 and 10.23, but 
are more convenient for applications. 


Gibbs-Helmholtz equation is undoubtedly one of the most useful 
equations of thermodynamics as it embodies the essence of both the 
first and the second law, and almost any relation of thermodynamics 
cAn pe deduced from 1t-or 1ts various modifications. We shall give 


below an illustration. 
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Variation of Equilibrium Pressure with Temperature: 
Glapeyron Equation—Clapcyron equation gives the variation of 
equilibrium pressure with temperature of any two-phase system, 
liquid = vapour, solid = vapour, liquid = solid, polymorph (I) = 
polymorph (II) and the like. However, we deduce here the equation 
for liquid-vapour equilibrium by a number of methods to illustrate 
the various methodology of thermodynamics, but the same proof with 
appropriate changes also applies to the other two-phase equilibria. 


(i) Deduction Using (Gibbs) Free Energy—For any equili- 
brium, the basic equation is— 
AG =0 (Egn. 10.18) 
But AG =G,—G, = G =G a 026 
This means that whenever two phases (say, vapour = liquid) are in 


equilibrium under a given T and P, the free energy per gram of 
the vapour is equal to the free energy per gram of the liquid. 

Suppose we have a vapour = liquid system in equilibrium at 
temperature T under a pressure P. So we have by eqn. 10.26: 

G, =G, .. 10.264 
where G, is free energy per gram of vapour and G; that of the liquid at 
temperature T. Suppose now we raise the temperature of the 
system to T-++dT, when the pressure would of course change to 
P+dP. Now since the system is again in equilibrium, 

G, + dG, = G; + dG, 
dG, = dG; «e 10.266 


Since dG = —SdT+VaP (eqn. 10.19), we have per unit mass 

—S, dT+V, dP = —S,dT+V;, dP 

dP _S.—S; _ AS 

dI V,—Vı AV 

Since for a reversible vaporization AS = UT (where J is latent 


heat/gram) and indicating the volume per gram of vapour by Va 
and that of liquid by V,, we get 


or 


AP L 
qr TEA me i 10127 


which is CLAPEYRON EQUATION. Note that / is the latent heat 
per gram, and V’sare the volume per gram. We can multiply both the 
numerator and the denominator by M, and noting that molar latent 
heat, M/=L= AH (being a process at constant T and P) and indicat- 
ing molar volumes by V, and V, respectively, we get the more familiar 
form of Clapeyron equation, 

ap L ENE 

aT T(V.—Vj) T(V2—Vj) 


where Vz and V, are molar volumes of vapour and liquid 
respectively. 


.. 10.28 
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This equation gives the variation of equilibrium pressure with 
temperature of any two-phase system, liquid = vapour, solid = 
yro liquid =solid, polymorph(I) = polymorph(II) and the 
| kes 

(ü) Deduction using (Helmholtz) Free Energy—Since F i 
defined by F = E—TS, on differentiation we obtain H ings 

dF = dE — TdS — SdT 

However, dE = dg+PdV (eqn. 8.3) and TdS = dg(rev.) (eqn. 10.6). 
On substitution we get 
i dF = dg+PdV—dq(rev.) —SdT 
However, for an equilibrium path dg is a perfect differential and is 
equal to dg(rev.). Therefore, we get - 


= —SdT+P4V oy OP) 
At constant volume, dV = 0 and so we get 
dE d AF 
iak =-—S NS 43 x 
(= Ne or( aT J s: nrs 


Note that eqns. 10.29 and 10.30 are counterparts of eqns. 10.19 and 
10.20 using F in place of G and are identical with eqn. 10.22 and 
10.23 respectively. 

Ifone mole ofa liquid (volume=V,) is evaporated reversibly and 
completely to vapour (volume=V,) under its own saturation pressure, 
P at any temp. T we have, work done w=P (V2—V,)- Since — AF 
= Maximum work, w we have 


P 
— AF =P (Va— V1) -- (ar ET J y (Va—V:) 


Substituting this value in equation 10.30 and remembering that P is 
independent of V in liquid = vapour systems (i.e. (@)V = d) and 
AS = L/T where L = latent heat/mole, we get 
dP AS L 
= = fo RLO:27 
a V:a- Vı T(V: V) 


which is Clapeyron equation. 
(iii) From Gibbs-Helmholtz Equation—In G—H equation 
3AF 
T — a = T-S 
ar- aret 
(eqn. 10.25), we can directly substitute for — AF, its value for 
evaporation, P (V2 —V,) and get Clapeyron eqn. as above. Note that 
in evaporation, — AF=Maximum Work=P(V_—V;) and so the F-form 
of G-H equation (ie. eqn. 10.25) has to be used; also that 
AF— AE= — o —(iq—o)= —L. ; 

(iv) Carnot Cycle Method—A Carnot cycle (2 isothermals and 
Qadiabatics) can be conceived at T and T—dT with the liquid = 
vapour as the working fluid. The net work=Area enclosed =dP(V.— 
V). Heat absorbed at the higher temp=L. So efficiency =dP(V_— 
V;)/L.This efficiency must be equal to the efficiency of the Carnot 
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cycle (= au P. 128). Equating the two, one immediately gets 


the Clapeyron equation. 

NB. The student should carefully note that all the above four methods of proof 
are equally rigorous, and in essence equivalent. The first proof is however 
the proof ofchoice because it involves the function most useful to chemists, viz. 
the Gibbs free energy, G. However, it is in no way more rigorous or more ‘from first 
principles’ than the others, though this is sometimes erroncously thought to be so. 

Change of F.P., B.P., and Transition Temperature with 
Pressure—Equation 10.27 which gives the variation of the cquili- 
brium, pressure with temperature can also be used to calculate the 
change of transition temperature (including melting point, boiling 
point, etc.) with pressure, because the latter is merely the reciprocal 
of the left hand side of equation 10.28. This may be illustrated by 
calculating the change of melting point of ice with pressure. 


Density of ice, 0°C=0.9168 g/cc 2. Vy= 18/0.9168 c.c. {mole 

Density of water, 0°C=0.9998 g/cc ow.  Va= 18/0.9998 c.c./mole 

Latent heat of fusion=80 cal/gm <. L = 18x80 cal/mole 
dT _T(Ve—Vi) 
ADT ae 

_ 273 18(1/0.9998 —1/0.9168) 
18 x80 
š = —0.309 degree-cc|cal ae ore on FRES) 


Now, 1l atoms. = 76 x 13.6 x981 dyne/cm* (=dyne-cm[cc) 

= 76 Xx 13.6 x981 erg/ec 
But 1 calorie = 4.2x 107 ergs; “. 1 erg=(4.210")- calories which substituted 
for erg in the above equation gives 

1 atoms=76 x 13.6 x981 (4.2 x 10°)-* cal/ec=0.0241 cal/cc. 

Hence 1 cc/cal=0.0241 atoms-!. Substituting this value of cc/cal in eqn. (a) 
we ge 

dT 

ape —0.309 x 0.0241 = —0.00745 degree atoms. 

So, the melting point of ice (0°C,) is lowered by 0.00745°C by one 
atmosphere increase of pressure. Note carefully the method by which 
units have been handled (calorie to cc-atmos.) and it is urged that this 
method should always be followed when complicated units arise. 

The student should carefully note that V,—V, is negative for 
the transition ice—water, and so the melting point of ice is lowered 
by an increase of pressure (of. rhombic S+monoclinic S for opposite 
trend). For the transformation water—steam, V,—V, is positive 
and so boiling point is raised by increase of pressure. Further, the 

volume charge during evaporation is a few order higher than the 
corresponding change during melting, and so, though the melting 
point of ice is lowered by less than a hundredth of a degree if the 
pressure is increased to two atmosphere, the boiling point increases 
by about 20°C by the same pressure change. 


Clausius-Clapeyron Equation,—Tne Clapeyron equation ad- 
mits of some useful simplification if applied to the vaporisation of 
a liquid. Since the volume of a liquid is very small compared to 
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its own vapour, we can neglect V, in comparison with V2, when 
-equation 10.28 becomes 
d? 
dT TV: 
Also, since V2 is the volume of a mole of gas we can applythe ideal 
‘gas equation PV=RT which makes V, equal to RT/P, which substi- 
-tuted in the above equation gives 


i) ape ik 

Way ka 

dinP L 

ar RT? De Agt 


which is called the CLAUSIUS-CLAPEYRON EQUATION. 
This}equation is only approximate since we have used two 
approximations in its derivation; we have neglected V, and we have 
used the perfect gas equation. The latter approximation usually 
affects the results more than the former. 
The above equation 10.31 can be integrated by assuming the 
latent heat of evaporation, L independent of temperature as follows. ` 


d In P = LdT/RT? 
f anpe ENE 
R TA 
L 
nP=— RT -+ constant son, BuO eS 
d.e., if the logarithm of the vapour pressure of a liquid is plotted against 
“ 100°C Oc -10% ; 


Fig. 47—Change of Vapour 
Pressure of Liquids with 2°00 
‘Temperature (Logarithmic 
Seale): CH3COOH 
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This is illustrated in Fig. 47 where log P has been plotted against 
1/T for a few common liquids. It will be observed that the experi- 
mental data fall very closely on straight lines. 


If we had integrated between limits say T, and T, we would 
have obtained 


ey l 
logs oes = gage (T7 T) 555 10:23 


From this equation knowing the vapour pressures at two tempera- 
tures we can calculate the latent heat of evaporation of a liquid, or 
alternatively, knowing the latent heat of evaporation and the pressure 
at any temperature we can calculate the vapour pressure at any other 
temperature. 


EXERCISE 


1) Distinguish between reversible and irreversible changes giving examples. 
03 Discuss the reversibility or otherwise of the following changes:— 
(a) Explosion of a mixture of H, and Oz. s 
(b) Conversion of a mole of water to steam at 100°C and 760 mm. 
c) Heating aliquid at constant volume from T, to T}. 
Charging and discharging of a lead accumulator. 
(e) Gut++-Zn = Zn*++Cu, (i) conducted in a beaker and 
(i) in a Daniell cell. 


Comment on how AH, AS and AG change (positive or negative) during 
the above transformations. z 

(3) One mole of an ideal gas held at 10 atm. in a cylinder is reduced to one atmos- 
phere in two stages, viz. first to 5 atmospheres and then to 1 atmosphere, temperature 
being 27°G throughout. Calculate the total work done in these two steps and 
compare it with the total work obtainable from the same overall change if carried 
out reversibly and isothermally. [31.98 ; 56.64 litre-atm.] 

(4) What is the maximum work obtainable in reversible and isothermal 
expansion of a mole of ethylene from 1 litre to 100 litres at 27°C. assuming that the 
gas follows van der Waals equation? Use a and b values given in Ch, III. What 
would be the value for a perfect gas? [110.3 lit-atm; 113.3 lit-atm. 

(5) Calculate the maximum work obtainable in the reversible and isotherma 
expansion from P, to P, of a gas following the equation PV?=RT. In what 
essential way does the result differ from the perfect gas value? 

(6) Deduce an expression for the efficiency of a reversible engine, and from the 
expression develop the concept of entropy and show that the latter is a state function. 
Has entropy the same unit as the gas constant R? 

(7) Discuss the following statement with its full implication: “Entropy of the 
universe tends towards a maximum”. 

(8) Deduce an expression for the difference between the reversible heat and the 
irreversible heat of any change as a function of temperature. 

(9) Deduce Clapeyron equation for the phenomenon of melting. Why dces 
the M.P. of water decrease whereas that of pure paraffin wax increase with pressure? 

(10) How do you obtain the heat of vaporisation of a liquid from change of vapour 
pressure over a temperature range? 


(11) Calculate q, w and AE when a mole of a perfect gas at N.T.P. is 
reversibly compressed (i) isothermally and (ii) adiabatically to 2 atmospheres. 
(Assume G,=$R). [g=w= —378 cals; AE—0; q=0, AE = —w=262 cals.] 
(12) Why is the change of boiling point with pressure nearly the same for 
all liquids of about the same B.P., but the change of freezing point widely 
different? 
(13) How would the vapour pressure of water measured at the same temperature, 


say 100°C, on the moon compare to the vapour press HAD 
use eqn. 10.19 at const. T] p pour pressure of water on our earth. [Hint: 


CHAPTER XI 
SOLUTIONS : GENERAL 


Definition—A mixture of two substances may be homogeneous 
or heterogeneous, the former being defined as one, in which very 
close observation cannot reveal the existence of any surface of separa- 
tion between two dissimilar substances and the composition is uni- 
form all throughout. Such a homogeneous mixture is called a true 
solution. — So, we can formally define a solution as a perfectly homo- 
geneous mixture of two or more substances whose composition may be varied 
between certain definite limits. 


Different Types of Solutions—Substances in different physical 
states may form solutions and the following types of solutions are 
easily realised. 

l. Solution of Gases in Gases. Example: any mixture of gases as 
for example, air, electrolytic gas (2H,+Og), etc. 

2. Solution of Gases in Liquids. Example: carbonated drink or 
mineral water consisting of CO, gas (and other solutes) dissolved in 
water. 

3. Solution of Gases in Solids. Example: adsorption of H, by 
palladium. 

4, Solution of Liquids in Liquids. Example: a mixture of 
alcohol and water. 

5. Solution of Liquids in Solids. Example: liquid metallic mercury 
is dissolved by some metals such as gold. 

6. Solution of Solids in Liquids. Example: sugar in water or the 
usual types of solutions. 

7. Solution of Solids in Solids. Example: alloys, brass is a solid- 
solid solution of zinc and copper; frozen solution of iodine in benzene. 

Examples of true solutior of liquids in gases or solids in gases are 
not realisable experimentally. Smoke, mist, etc., cannot be regarded 
as examples of true solutions of these types fc r,t cy are really | etero- 
geneous systems. The student may be led to think that when camphor 
disappears in air it is a solution of solid camj hor in air, but itis n-erely 
a case of solution of one gas or vapour ın another. 

Solvent and Solute—Usually we have to deal with solutions in 
which one of the members is present in a large cxcess vo i]e other; 
the substance which is present in lesser amount is called the solute 


i is callcd the solvent. It 
her component present in EXCESS 1S ca i- 
and iaie ecognised that this distinction of solute and solvent 


r! 1 of 
should be Saath and cases €g. completely miscible pair of licuids 
ve mie A arise where one is quite justified to fix up either of the 

r ga ay 4 : 
eanan as the solvent Or the solute. aie 
Symbols Convention 8: Definition—To describe binary solutions 
ymbols on c 
we shall use the follow! 
Solvent = Subscript 1; 


10 


ng symbols: 
Solute = Subscript 2; 
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w, = Weight of Solvent 
wa = Weight of Solute 


w = wtw, = Total Weight of Solution 
yV = Total Volume of Solution in c.c. 
M, = Molecular Weight of Solvent 
M, = Molecular Weight of Solute 
i, Soe ae = Number of Moles of Solvent 
1 
ll = ne = Number of Moles of Solute 
2 
N = Total Number of Moles present = 7, +72 


For physicochemical purpose it is customary to express the composition 
of a solution in either of the followir g three ways:—(a) Molarity, 
(b) Molality and (c) Mole fraction. (For expressing composition of 
gas mixtures vide p. 149). These terms are defined below: 

(a) Molarity, c3 = Moles of Solute per litre 


Molarity (cz orc) = 2 3 Ma > wo, wiktlidiz 
2 


When there is no chance of confusion we shall drop the subseript (2) 
ard use c for molar concentration. The following relations easily 
follow from the definition; Š 
Molar concentration X molecular weight = gms per litre 
Also, Normality X equivalent weight = gms per litre 
(b) Molality, m = Moles of solute per 1000 gms. Solvent. 
When there is no chance of confusion we shall drop the subscript 
(2) and use m or Gm for mola] concentration. 
Molality (mz or m or Cm =u ? oa bs W116 
(c) Mole fraction is symbolised by x and is defined as follows. - 
: nı ni = w,/My 
‘Mole Fraction, % = zm = N — M) F 0M) 
A S Da ANa 3 w|M> 
Mole Fraction, *2 = p En, N~ (0M) + (wM) 
Mole fraction multiplied by 100 is called mole per cent. The physical 
significance of mole per cent isthe total number of molecules of any 
component present per 100 molecules of the mixture. The calculation 
of concentration in different units is made clear by the following 


example. F i 3 Cth 
Note 1: Note that molarity of a given solution varies slightly with 
temperature but not molality and mole fraction. 
Note 2: Molarity (cə) is extensively used in physical chemistry 
of solution, for example, in van’t Hoff equation, law. of 
mass action, reaction kinetics, etc. Very often instead 
ofc,or ¢ it is symbolised „as [Substance]. f 
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Exampte 1. A solution of sodium chloride is prepared by dissolving 10 gms. of the salt 
and adding just sufficient water to make the total volume 100 c.c. Express the concenira~ 
tion in molarity, molality and mole-fraction. (Density of the solution is 1.05). 

(i) 100 c.c. solution contains 10 gms=10+58.5=0.1709 moles. of NaCl 

1 litre contains 1.709 moles. 
Molar concentration=no. of moles per litre = 1.709 moles|litre. 
=1.709 formula weight/litre. 
_ Since equivalent wt. of NaCl is equal toits mol. wt. (=58.5) the strength ofsolution 
in normality=1.709 gm equivalent per litre. 

(ii) 100 c.c. of the solution weighs 100x1.05=105 gm. of which 10 gms. 

(=0.1709 moles) are due to the solute and so, 95 gms. are due to the solvent. 
Molal concentration = number of moles of solute per 1000 gms. of solvent. 
= we X1000=1.799 moles per 1000 gms. of mater. 

Note that though the molecule NaCl docs not exist, we still express con- 
centrations in terms of the same; the more fastidious chemists avoid using the term 
mole in such cases and use formula-weight in its place. . 

(iii) 95 gms. water=95+18=5.2778 moles. 

10 gms. of NaCl=10+58.5=0.1709 moles. 
Total number of moles = 5.2778+0.1709=5.4487 


S ;, = mi 070 
Mole-fraction of NaCl Te = 54487 > 0.03136 
F 5.278 
Mole-fraction of water= 5487 = 0.96864. 


Hence, mole per cent of common sal* is 3.136 and that of water is 96.864. 


A. SOLUTION OF GASES IN GASES 


The Entropy Factor as the Driving Force in Formation of 


Gas Mixtures—When two gases are brought in contact they mix until 
“the composition is the same throughout. However, there is hardly any 
‘heat effect. So, the driving force is evidently not the energy factor. 


Here is then a case where the driving force (z.e., the decrease of free 
energy, — AG) is almost entirely due to an increase of entropy (P. 136). 
So, the mixing of two gases is a spontaneous process because there is a 
large increase of entropy and so the mixing process may be said to 
be almost fully controlled by the entropy factor. In mathematical 
terms this is easily seen from Eqn. 10.17 where AH=0 and so TAS 
must be positive for this spontaneous process. In molecular terms 
(vide P. 131) the mixing takes place because the mixture is more 
random than the two individual gases. The entropy factor plays 
such a decisive role in many solution processes. 


Dalton’s Law of Partial pressure—A simple rule was put for- 
ward by Dalton in 1802 to express the pressure relationships of a 
gaseous mixture. This rule, which is known as DALTON’S LAW 
OF PARTIAL PRESSURE states that “the pressure exerted by a gaseous 
mixture is equal to the sum of the pressures which the constituents would 
exert if each occupied separately, the volume of the mixture? or, in 


other words, the total -pressure in a mixture of gases is equal to the 


148 ELEMENTARY PHYSICAL CHEMISTRY 


sum of their partial pressures. The partial pressure of any com- 
ponent of a mixture of gases is defined as the pressure that this 
component would exert, had it been alone present in the total volume 
occupied by the mixture. 


The interpretation of Dalton’s law of partial pressure from the 
standpoint of kinetic theory is very simple. Since a gas contains 
much void space, the intrecucticn of a second gas in the seme space 
offers no difficulty of accommodation and merely increases the number 
of molecules per c.c. and hence, the pressure. This is illustrated 
diagrammatically in Fig. 48, wherein we have attempted 10 convey 
the idea that the mixture, A and B is a superposition of A and B on 
a molecular scale. 


Pressure, PRESSURE, R, PRESSURE, +h, 


n > GAS A Gas B Gass MxTure,A&B 
Fig. 48—Kinetic Theory Picture of a Gas Mixture. y 
ExaurLe 2. Calculate the total pressure in a mixture of say, 4 gms. of oxygen and 2 gms. 
f hydrogen confined in a total volume of one litre at 0°C. } 3 


First of all, we have to regard that oxygen alone is present in the total volume 
of 1 litre and calculate its pressure which is its partial pressure in the mixture. 
Similarly, we have to calculate the partial pressure of hydrogen. The total 
pressure will be the sum of these two partial pressures. If P, is the partial pressure 
of oxygen, then according to the equation PyV=(g/M)RT, we have [Px] 
litre= (4/32) x 0.0821 x 273, or P, = 2.8 atmos. 


Similarly P, X 1 litre= (2/2) x 0.0821 x 273, so P,=22.5 atm. 
«s. the total pressure P=P,+P,=25.2 atmospheres, 
Note that, weight for weight the lighter gas has a higher partial pressure. 


Calculation of Partial Pressure—Dalton’s law is of great im- 
portance in view of the fact that it is not the total j ressure of ile gas 
mixture but the partial pressures of the components which ceteimine 
any physico-chemical equilibrium. For example, curing breathing the 
partial pressure of oxygen in ike inhaled air Cetermincs 1] e extent to 
which the hemoglobin in blood is converted to oxyhemoglobin. In 
combination with perfect gas cquation, Dalton’s law gives a very 
simple method for partial pressure calculations. 


Ifin a volume V, there are n moles of A, ng moles of B, n, moles 
of C and so on, and the correspond ng partial pressures are p), fo, fae 
etc. respectively, then according to Dalton’s law, 


P = pithat ba e Ao PAD) 
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where pı = n, RT/V; p =n, RT/V; etc. os (633) 
since each component conforms to the gas equation independent of 
the other. 


J. P = (nnt...) RT/V =NRT/V se (cit) 
where N is the total number of moles present in the mixture, 
Combining (zi) and (iii) we get 

i= X P; pa = ad Pits pe J 


i.e. the partial pressure of any component in a gas mixture is egw 1 cthe product 
of its mole fraction and the total pressure. 


Methods of Expressing Gas Composition—Instead of partial 
pressure method or the other methods discussed in a previous 
section, the composition of a gas is ofien expressed by VOLUME 
PER CENT of cach component. The latter is defined as the 
volume per cent which each species would occupy if it is subjected to 
the total pressure of the mixture. It can be easily proved that the 
volume per cent of any component in a gas mixture is equal to its mole 
per cent and hence percentage by volume has the additional 
significance that it gives the mole per cent of the species directly. 
The proof is given below for a total volume of 100 litres. 

P = pythotpst -= (my+ne+n3..-) RT/100; 
since by definition p, x 100=n, RT ; p, X 100=n,RT ;... 

Let the volume percentage of the first gas be n; since the total volume is 
assumed to be 100 litres, then by definition of volume per cent, we get,— 


Po,=2, RT, orm, = + RT = EE 
= mole per cent of A 


So, the two main formulae for calculating gas composition are— 


(i) PARTIAL PRESSURE=MOLE FRACTION x TOTAL PRESSURE ... 11.3 

& (ii) PER CENT BY VOLUME = MOLE PER CENT we 114 
= Mole fraction x 100 

= PARTIAL PRESSURE 

TOTAL PRESSURE 


These equations are very useful for calculations involving gaseous 
mixtures and should be memorised. 
EXAMPLE 3.—Air contains 23 per cent oxygen and 77 per cent nitrogen by weight. Calculate 
the percentage by volume. 
Moles oxygen=23/32=0.72; Moles nitrogen=77/28=2.75. 
Mole fraction of oxygen=0.72/(0.72-+2.75)=0.208; 
Mole fraction of nitrogen=2.75/(0.72+2.75)= 0.792. 
Per cent oxygen (by volume) = mole per cent=mole fraction x 100 
= 0.208 x 100=20.8 
Per cent nitrogen (by volume)= 0.792 x 100=79.2. 
Exampie 4. Chlorine (at wt. 35.46) is a mixture of the two isotopes, viz., Cl, and 


"Cl, Calculate the percentage by volume of the former, assuming the atomic weight of the 
ésotopes to be exact whole numbers in the chemical scale. 


x 100=mole fraction x 100 


x 100 s. 11.5 
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If the weight fraction of Cl, be x, we have 
xX35+(1—x) x37=35.46 or, x=0.77 
i x35 
Mole-fraction of %0], = x35 (1=s) [37 =0.7796 


~. Per cent by volume of Cla = Mole per cent=0.7796 x 100=77.96. 

Experimental Determination of Partial Pressure—The law 
of partial pressure can be easily tested by mixing up known amounts of 
gases and comparing whether the 
actual pressure observed is equal 10 
the pressure as calculated above. But, 
given a mixture of gases of unknown 
percentage composition, it is a diffi- 
cult affair to determine the partial 
pressure of each of the componenis. 
Van’t Hoff has pointed out that this 
is possible if we can find out a 
membrane which is perfectly per- 
meable to only one of the compo- 
nents of the mixture. This is not 
usually experimentally realisable ex- 
cept in the case of hydrogen, which 
is known to be thoroughly perme- 
Fig. 49—Partial able to heated palladium. The 

Pressure of Gases. following very instructive and in- 
teresting experiment due to Ramsay 

illustrates such a method of deter- 

mining the partial pressure. P (Fig. 49) is a palladium bulb contain- 
ing a mixture of nitrogen and hydrogen. It is capable of being 
heated and is connected to a manometer. It is surrounded by an 
outer bulb through which a stream of hydrogen at atmospheric pres- 
sure is passed. When the palladium bulb is heated, its walls become 
permeable to hydrogen but not to nitrogen and therefore, the 
pressures of hydrogen inside and outside become equal. The pressure 
indicated by the manometer will, therefore, be one atmosphere plus 
the partial pressure of nitrogen inside. So, the partial pressure of 
nitrogen becomes known, the original total pressure of the mixiure is 
known, and hence, the original partial pressure of hydrogen is obtain- 
ed by difference. The experiment demonstrates clearly the utility of 
semipermeable membranes and will be again referred to in osmotic pressure 


experiments. 


B. SOLUBILITY OF GASES IN LIQUIDS 


Solubility of Gases—Gases are soluble to a more or less extent 
in liquids. The oxyger of the atmosphere which gets dissolved by 
water of rivers and seas is reponsible for the respiration of fish and 
other aquatic animals. 

For the purpose of comparison, the amount of a gas dissolved 
by a liquid is expressed in terms of solubility, which is defined as 
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the volume of gas dissolved by one c.c. of the solvent at the pressure 
and temperature of the experiment. Bunsen however, introduced the 
term absorption co-efficient which he defined as the volume of gas in c.c. 
reduced to N.T.P. which is dissolved by 1 c.c. of the given liquid at a particular 
temperature. 

The gases widely differ from one another in respect of their 
solubilities which depend on the nature of the gas and the solvent, 
and also on the temperature and pressure of the experiment. The 
following table is drawn up showing the absorption co-cfficients of 
some common gases in water and alcohol. Note the low solubility of 
a few c.c. per 100 c.c. of permanent gases in water; they are about 
five to ten times more soluble in alcohol as also in benzene and 
acetone. 


SOLUBILITIES OF GASES (c.c. gas at N.T.P.|c.c. solvent) 


Water | Alcohol 
Gas ——— — ——- 

oa 25°C: | orc 25°C 
Hydrogen 0.0215 0.0178 0.0693 0.0661 
Nitrogen 0.0232 0.0147 Ag 0.1312 
Oxygen 0.0489 0.0285 0.2237 0.2171 
Qa 1.713 0.759 4.44 Eat 
Ammonis 1300.0 h oe 
Hdl 506.0 


Dependence of Solubility on the Nature of the Gas and the 
Solvent—There is no general law connecting the solubility of diffe- 
rent gases in liquids. But it is generally found that those gases which 
either form comp unds with water e.g., NHs, or dissolve to ionise e.g. 
HCI, are the most soluble in water, while those which condense easily 
e.g., COz,5Oz, ctc. are fairly soluble in the common solvents and the 
rest which are ‘permanent’ gases ¢.g., Og, N», etc., are the least soluble 
ofall. The solubility of ‘permar ent’gases like oxygen, nitrogen, etc. in 
water at ordinary temperature is just about a couple of c.c. per 100 c.c. 
of water. However Os is more soluble than N, in water and so 
though air contains 21% oxygen, dissolved air contains as high as 
34% Oz and this of course is helpful for respiration of fish and 
similar aquatic animals. When gases dissolve in a liquid there is 
a slight expansion of volume. 

Another interesting fact is that gases are less soluble in a solu- 
tion than in the pure solvent and far less so, if the solution is that of 
an electrolyte. . For example, a half normal solution of KCI dissolves 
8.8 per cent and a normal solution of sodium sulphate dissolves 3.2 
per cent less carbon dioxide than an equal volume of water. The 
reason of salt solution dissolving less gas perhaps lies in the fact that 
some amount of water in the solution is bound to the ions as water 
Joes not take part in dissolving the gas. The 


of hydration and so, € i 
pheme is sometimes referred to as salting-out efect. 
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Effect of Pressure on Solubility: Henry’s Law—As a result of 
his studies of the solubilities of different gases in various solvcnts, 
Henry (1775—1836), aco-worker of Dalton, established the relation- 
ship between the solubility and the pressure of a gas. Henrys Law 
states that the amount of a gas dissolved by a given volume of any liquid at 
a constant temperature is proportional to the pressure of the gas; or 
stated algebraically, g/P =Const, where g is the mass of the gas dissolv- 
ed and P is the pressure cf ithe gas. In analogy with Raoult’s 
law, Henry’s law is oftea stated in the form: x = KP (compare Raoult’s 
law, eqn. 13.2, P. 183); so Raoult’s law is merely Henry’s law 
where the constant, K=1/Py (vide Fig. 78, P. 198). 


SOLUBILITY oF OXYGEN 


Pressure cm. | Mass of gas dissolved, w/P x 10 
| per litre; (w) gms. 
6.0 0.0408 53.59 
51.0 0.0325 52.28 
1.0 0.2220 53.14 
0.0 0.0160 53.33 
7.5 0.0095 54.22 


The lower the pressure and the less soluble a gas is, the more closely 
it follows Henry’s law. Like all perfect gas laws, this law is 
only approximately true for real gases. This law has been tested by a 
number of investigators; the recent determinations by Morgan (1930) 
are quoted above. Henry’s law also holds good for the individual 
components in a mixture of gases and is usually stated in the 
form, x;=kP; where x; and P; are qespectively the mole-fraction 
and partial pressure of the i-th component. 


Alternative Statements of Henry’s law—Henry’s law can also 
be stated in another ingenious way which involves the volume of the 
gas instead of its amount. Suppose, V c.c. of a gas of mass m at a 
pressure P is dissolved. Now if the pressure is doubled, the mass of 
gas dissolved will, according to Henry’s law, also be doubled 2.¢., be 
equal to 2m. Now, m gms of gas occupy V c.c. at a pressure P; 
but by Boyle’s law 2m gms of the same gas will also occupy V c.c. at 
the pressure, 2P. Therefore, the volume of gas dissolved is still V 
c.c. but under the increased pressure 2P. 


This can be proved algebraically very easily. We have according to gas 


RT k 
equation, PV= F RT, or V= (+) M Now, according to Henry’s law 


g/P=constant and so, V=constant. 

So, we may state Henry’s law in the alternative way—Th. 
volume of a gas dissolved by a given volume of any liquid at constant temperature 
is independent of pressure. 

There is still a third form in which Henry’s law can be stated as 
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follows—The ratio of the concentrations of the gas in the liquid and the gaseous 
phase respectively is constant, or stated algebraically, " 


Ct =k (constant), se) WLS 
2 

where G, and C, are the concentrations ofthe gas in the gaseous and 
the liquid phase respectively. This follows easily from Henry’s law, 
since concentration is directly proportional to pressure. This isa 
generalised expression of Henry’s law and holds good fer distribution 
of any molecular species between any two phases e.g., iodine between. 
water and benzene, etc. (vide P. 167). 

Common Phenomena in the Light of Henry’s Law—The 
ordinary soda water bottles contain carbon dioxide gas under pressure. 
As soon as the pressure is released, the liquid cannot now hold all the 
carbon dioxide in solution since the solubility of the gas is now less 
and therefore, a large part of the gas gets all at once expelled out in 
bubbles, imparting to it the characteristic sparkling freshness. 

Divers and other under-water workers remain in vessels con- 
taining air under pressure as a result of which the gases of the air 
dissolve to a greater extent in the bleod and the lipids (fats) of the 
‘body. This increased concentration of nitrogen in the lipid sheaths 
of nerve trunks produces a narcotic effect. Besides, when the diver 
comes up, the pressure suddenly falls and the dissolved nitrogen owing 
to decreased solubility as expected from Henry’s law comes 
out in bubbles inside the capillaries of the circulating system which 
often produces dangerous effect (“bends”). A few years back in the 
Hirakud dam project a sudden fall of pressure due to an accidental 
breakage of the air seal caused the tragic death by this mechanism of 
-over fifty workers while they were working under water in the river bed 
‘encased in a diver’s cage. Hence, for high pressure work under water, 
a mixture of oxygen and helium is preferred, as the latter is less soluble 
and more diffusible than nitrogen; besides, there should be arrange- 
ment for slow decrease of pressure so that the excess gas is slowly released 


and exhaled by the system. 

Limitations of Henry’s Law—The law is obeyed fairly accur- 
ately by gases which are soluble to a small extent. For gases like 
ammonia, hydrochloric acid, etc. whose solubilities in water are large, 
this law does not hold good at any pressure- In such cases where 
large deviations are found, the real causes may be traced to forma- 
tion of compounds, association or dissociation, and the law should 
then be properly modified. Still there are cases where the law seems 
to be much in defect and these discrepancies cannot be accounted for 


by the above general principles. 
h Temperatre—Unlike other types 


Variati £ Solubility wit 
eee ck enerally falls off very rapidly with 


of solutes, the solubility of gases g 
temperature. This is just what is expected from Le Chatelier’s 
theorem (P. 219) because the dissolution of neutral gases generally 


t ith evolution of heat. If ‘Henry's law holds good, a gas 
ae is CAROLS expelled out from a liquid if it is boiled in the open. 
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There are, however, some exceptions e.g., constant boiling mixtures, 
which evaporate off as a whole, unchanged in composition at a parti- 
cular temperature (p. 161). 


©. SOLUTION OF GASES IN SOLIDS 


General—The solubility of gases in a solid is highly specific 
depending on the nature of the solid and the gas. For example, 1 gm 
of silver at 800°C and 1 atmosphere pressure dissolves 0.35 cc. oxygen, 
and far less quantity of hydrogen, but no other gases in any measur- 
able amount. Generally, the solubility is very small and a given 
solid may dissolve small quantities of one or two gases, but none 
other. 

There are, however, cases in which a gas is highly soluble in a 
solid, the most noted of which is that of palladium which dissolves 
many times its own volume of hydrogen (about 1000 times at 0°C). 
This case is peculiar in as much as that the solubility decreases with 
rise of temperature. It is sometimes believed that such a high solu- 
bility is due to the formation of unstable compounds. 


Some solids, however, have got the unexpected property of taking 
up large volumes of gases, and this is generally limited to the surface 
of the solid. To distinguish it from the ordinary process of solu- 
tion, this phenomenon is termed adsorption and will be discussed in 
detail later in Part V. 


D. SOLUTION OF LIQUIDS IN LIQUIDS 


Mutual Miscibility of Liquids—Generally speaking, liquids 
which are of similar constitution are miscible with cne another. Thus, 
water and alcohol, petroleum and paraffin, mercury and metals. etc. 
are miscible with each other. In general, polar liquids like water, 
alcohol, etc.—which are associated, form ionising solvents and have 
high dielectric constants,—form a ‘class by themselves which are mis- 
cible with one another; while non-polar liquids of the saturated paraffin 
group—which have no residual electric field about the molecules, 
are non-associated and form non-ionising solvents—form a separate 
mutually miscible class by themselves and do not mix up with 
the liquids of the other class. The above two classes are two 
extremities of classification and all types of liquids intermediate 
between these two limits exist. (For definition of polar and non-polar 
molecules vide P. 87). 

As regards mutual solubility, three classes of liquid pairs exist:— 

(¢) Completely miscible liquid fairs viz. water—alcohol, 
water—sulphuric acid, etc. 

(ii) Partially miscible liquid pairs viz. ether—water, phenol— 
water, alcohol—kerosene, aniline—hexane, etc. 

(ii) Liquid pairs which are practically immiscible, viz. mer- 
cury—water, nitrobenzene—water, etc. ' 
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It may be pointed out that ‘‘practically immiscible” does not 
mean zero solubility and even in the very unlike pair mercury-water 
the mutual solubility is measurable and in fact, mercury dissolves 
to the extent of about 3 x 10-7 mole per litre of water at 25°C. 

Partially Miscible Liquid Pairs—Partially miscible liquid pairs 
show some very interesting behaviour and a few typical systems will 
be considered. 

(a) The System, Phenol: Water—If some phenol is gradually 
added to water, it dissolves giving a homogeneous solution until the 
water gets saturated when on further addition two immiscible 
layers separate. The lower layer is a saturated solution of water in 
phenol (phenol-rich phase) while the upper layer is a saturated solu- 
tion of phenol in water (aqueous phase). Ata given temperature, 
the compositions of these two layers are of course, fixed (this isa 
thermodynamic necessity in agreement with phase rule: C=2, P=3; 

<. F=1). If morc phenol is added no change in composition of the 
two layers occurs, the only change being an increase in volume of 
the lower layer and a decrease in volume of the upper layer. This 
goes on with further additions of phenol until the upper layer vani- 
shes and only the lower layer remains, which is simply a saturated 


solution of water in phenol. 

The temperature-composition diagram of such a sysiem is shown 
in Fig. 50. Corresponding to each temperature there are two points 
on the diagram, one represer ting the composition of the aqueous 
phase (y) and the other that of the phenol-rich phase (2). Any 
horizonial line cuts the diagram at two points, giving the composi- 
tions of the two phases (called corjugate phases) which are in equili- 
brium with each other at that temperature. pz is such a line, and y 
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; 51 & 52—Thrcee Types of Mutual Solubility Diagrams of 
ee Binary Liquid Mixtures. 


the compositions of the two conjugate phases respectively. 


and z are y jes 
The line yz is called a TIE-LINE. ‘These two compositions approach 
each other with rise of temperature and ultimately become equal at 
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d (68.4°C), a closed curve being thus obtained. The temperature 
corresponding to the point d is called the C.S.T. (CRITICAL SOLU- 
TION TEMPERATURE) of this system as the system is homogene- 
ous in any relative proportions above this temperature. 

(b) The System, Triethylamine : Water—The study of this 
system affords an example of the reverse of the above phenomenon 
(Fig. 51). Here the two liquids are completely miscible with each 
other in all proportions below 18°C, but separate into two layers 
above this temperature. So, the curve representing the temperature 
and compositions of the two phases would be closed at the bottom 
and the lowest point would correspond to the lowest critical solution 
temperature. Many amines and ethers and also methyl ethyl ketone 
show such behaviour with water. 


(c) The system, Nicotine : Water—This system offers a very 
interesting study, as the solubility curve is a completely closed one. 
It has got an upper critical solution temperature (208°C) and a lower 
critical solution temperature (€0.8°C) (Fig. 52). Between these 
two temperature limits the liquid pair separates into two layers, one 
of which is a solution of nicotine in water and the other is a solution 
of water in nicotine; but outside this temperature range the two liquids 
are completely miscible. 


An interesting fact about this system is the effect of pressure on 
the critical solution temperature. On increasing the pressure on the 
system the two critical solution temperatures approach each other; 
the area of the closed solubility curve gradually decreases and finally 
at a high pressure it vanishes and then the two liquids become com- 
pletely miscible over the whole range of temperature. 


FRACTIONAL DISTILLATION 


Completely Miscible Liquid Pairs—Among organic liquids 
complete miscibility is by far much more common than partial mis- 
cibility. In fact, partial miscibility among liquids is rather an 
abnormal phenomenon, because only very strong positive deviation 
from Raoult’s law (vide P. 200) can lead to this condition. In the 
laboratory as well as in industry, very cften one is confronted with 
the question of separation of the components of a homogeneous mixture 
of two or more liquids by distillation. We shall study here the 
principles which underlie such fractional distillation. . 

Types of Liquid Pairs: Vapour Pressure—Composition 
Curves—Suppose we have a mixture of two liquids, Aand B. At any 
given temperature the vapour above the mixture contains both Aand B, 
caused by the presence of both A and B in the vapour. If we call 
this total vapour pressure, P, evidently P will depend on both temperature 
and composition of the mixture. Keeping the tempercture constant 
if we plot P against the composition of the mixture, which is 
generally expressed as mole fraction and is symbolised by X, three 
e z P-X CURVES are generally obtained as discussed below 

ig. 53). 
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(a) Type I or Normal Mixtures—This type is the simplest, its 
P-X diagram being a smooth straight or slightly curved line obtained 
by joining the vapour pressures of the pure components (Fig. 53). 
Such types of curves are given by ideal or nearly ideal mixtures which 
obey Raoult’s law of vapour pressure to a more or less extent. Com- 
pounds which are chemically analogous usually show this bebaviour. 
Examples of this type of liquid pairs are methyl alcohol-water, 
benzene-toluene, benzene-hexane, CCI,-SiCl,, ethyl acetate-ethy} 
propionate, nitrogen-oxygen, argon-neon, etc. 


(b) Type Ii or Minimam B, P. Mixtures—The second type 
shows a maximum point (M) in the vapour pressure diagram (P-X 
diagram). Examples of this type are ethyl alcohol-water, propyl 
alcohol-water, etc. (vide Table P. 161). 


(c) Type II or Maximum B. P. Mixtures—The third type of 
vapour pressure diagram shows a minimum (M’). Examples of this 
type are nitric acid-water, HCl-water, etc. (vide Table, P. 161). 


Boiling Point—Composition CGurve—We can also arrive at the 
same classification as above by considering their boiling point-com- 
position diagrams (Fig. 54). Evidently, a mixture will boil when its 
P will equal the external pressure, usually one atmosphere, and 
every mixture will have its own characteristic boiling point. So, we 
can as well plot Tp (ie. boiling point) versus composition at a 
constant external pressure. These curves will appear somewhat like 
the P-X curves but upside down, because the composition with the 
lowest vapour pressure will necessarily have the highest boiling 

- point. Such curves, to be called Tp versus X curves or simply T-X 
CURVES, are shown side by side with the P-X curves in Fig. 53 
and 54, for all the three types of mixtures. It would be seen that 
Type I does not show any special feature except that the T-X curve 
is much more curved than the P-X curve ; Type IL i.e. minimum 
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ee ai ye nik vb In all discussions to follow one can 
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effectively use the P-X curves as well as the T-X curves, but the 
arguments are easier to follow with the latter, and one should carefully 
note which type of curve is being referred to. 


General Principles of Fractional Distillation—The crucial’ 
fact which makes fractional distillation possible is that the composi- 
tion of the vapour over a liquid mixture is not necessarily the same 
as the composition of the liquid, i.e. X(vapour)#X (liquid). The 
only exception is where the P-X, or the T-X diagram shows maximum 
or minimum i.e. extremum values, and at such points the vapour has 
necessarily the same composition as the corresponding liquid. This 
is shown in a summary form in Fig. 55. 


{VAPOUR AND LIQUID ARE VAPOUR iS. RICHER N THE 
{oenTicaL IN COMPOSITION i MORE VOLATILE COMPONENT 


PURE A(orB) 
Xv ig.=Xvap. 


Fig. 55—Vapour-Liquid Equilibrium Composition (Qualitative) 


Hence, except at the extremum points the vapour is richer than 
the liquid in the more volatile component. So, if we condense the 
vapour given off by a liquid mixture, we shall usually get as the first 
condensate a liquid mixture which is richer in the more volatile com- 
ponent. By repeating the process a sufficient number of times, each 
time taking the condensate as the starting material for the next dis- 
tiliation, the final distillate may be made to approach in composition 
the pure more volatile component as closely as we like. 


This is the principle which underlies all fractional distillation, 
the only complication being that sometimes what we have called a 
component in the above discussion and in the above figure (Fig. 55) 
may itself be a mixture in fixed proportion of the two or more basic 
constituents corresponding in composition to the extremum points 
M or M’ (called azeotropic mixture, see later). Thus, the more 
volatile component itself may be a mixture of constant composition. 
M (azeotropic mixture). Further, instead of condensing a portion eG 
the vapour and redistilling it in batches as discussed above, this is 
atuomatically done very efficiently by using fractionating columns as 
is to be explained in a later section. 


Distillation of Liquid Paix of Type I—The theo; 
easily understood with respect to its liquid-vapour b ee Mee 
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‘gram on a P-X graph (Fig. 56). Here, A and B are the two compo- 
nents of which B is the more volatile (¢.¢., has higher vapour pressure) 
as shown in the graph. PP,Q is its vapour pressure-composition 
curve (P-X curve) which is of course a smooth line joining the points 


Q T-X pIAcRAM 


P -X biacram 


Vapour PRESSURE, P 
BoiLinG Point, T 


Figs. 56 & 57—Liquid-Vapur Equilibrium Diagram on a P-X graph 
(Fig. 56) and on a T-X graph (Fig. 57). 


P and Q, the vapour pressure of the two components, A and B res- 
pectively. For an ideal solution (vide Ch. XIII) this should be a 
straight line but usually this is slightly curved. 


On the same graph is PP,Q, the vapour composition curve. This 
is drawn such that any horizontal line P,P, shows the composition _ 
of the liquid x and that of the corresponding vapur x’ with which 
it is in equilibrium. It is to be noted that x’ is richer in B in agree- 
ment with the fact that the vapour is richer in the more volatile 


constituent. 


Suppose we start with a liquid of composition x. The first distillate 
would be a composition x’ If this x’ is now submitted to re- 
distillation, the composition of the first portion of the new distil- 
late will be x”. It is thus evident that by repeating the process a 
sufficient number of times we can come as close to pure B as we like 
and hence, by fractional distillation on the above principle we can 
ultimately distill off pure B. Thus, a more or less complete separation 
of A and B is possible. 


Use of Fractionating Columnes There are of oe great 
an j ties in experimentally carrying out the ste; ste 
ptdcileal Y ien! jnitial fractions of the distillate as anvleaged Choe. 
distilla however done automatically by the use of fractionating 
This, js on “fyactionatin columns the vapour is condensed a num- 
quae in i upward passage and thus, a downward stream of 
ber of times 1 id meets an upward stream of vapour which in effect 
ey oe result as repeated condensation and redistillation 

e 
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of small quantities as discussed in tke previous para. With a 
properly designed fractionating column (some typical ones of which 
are shown in Fig. 58) under proper con- 
ditions of working, a practically com- 
plete separation of the two components 
is thus possible in this case. In industrial 


practice, well-designed metallic very big 
fractionating columns are used and they 
are generally known as rectifying 
columns and the plants as rectifying |) 


stills. 

Liquid vapur T-X Diagram (Type 
I)—The same result can as well be 
understood with reference to liquid- 
vapour equilibrium diagram on a T-X 
graph as shown in Fig. 57. The argu- 
ments are exactly similar except that the 
T-X curves are reverse of the P-X curves 
because, as already explained, higher 
vapour pressure means lower boiling 
point, and so no separate discussion on i 
the basis of T-X diagram will be given Fig. 58—Typical Fractionating 
here as also for the other types in later Columns. 
sections. 

Distillation of Liquid Pair of Type E (Minimum B. P. 
Mixtures)—Here the vapour pressure curve shows a maximum, M, 
Since the maximum vapour pressure means greatest volatility i.e., 
minimum boiling point, we may regard any composition, as a mix- 
ture of the minimum boiling point composition, M and either of 
the, pure components (A or B as the case may be). Looked at from 
the standpoint of vapour pressure curves such systems will be a com- 
bination of two vapour pressure diagrams of the previous type. One 


a P-%X DIAGRAM T-X DIAGRAM 


VAPOUR PRESSURE 
Boine Point, T 


A x B A 

Fig. 59 & 60—P-X and T-X Gurves of Minimum Boiling Point Mixtures 
portion will be in effect a P-X diagram of pure A and M, and the 
other of M and pure B, the comjosition M being virtually equi- 
valent to a pure component; M, of course, is the more volatile con- 
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stituent in both the cases, as shown in Fig. 59. The corresponding 
T-X diagram (Fig. 60) would evidently be similar but upside down, 
and would lead to the same conclusions. 

So, on submitting any mixture of this type to efficient fractional 
distillation, the most volatile mixture, M will pass off first leaving 
behind either pure A or pure B in the still depending on whether 
the original composition lies between A and M, or between M and B 
respectively. It would, therefore, be impossible to separate the two 
pure components by fractional distillation. The only thing possible 
is to separate it into the minimum boiling point mixture and only 
one pure component. 


The occurrence of such a pair of liquid mixture is very common 
in the realm of organic solvents. Ethyl alcohol—water system is an 
example of this type, forming a mixture of minimum boiling point, 
78.17°C, which contains 95.59 per cent alchol. The impossibility of 
preparing absolute alcohol by fractional distillation only will now 
be understood, and, therefore, the use of lime, sodium, etc. is resorted 
to for preparing it in the anhydrous state. 


Azeotropic Mixtures—If a composition corresponding to the 
minimum boiling point (M in Figs. 53, 54, 59 and 60) is boiled, the 
mixture will distil off unchanged in composition at a fixed tempera- 
ture just like a pure compound. Such mixtures corresponding to the 
maximum in the P-X curve (minimum in T-X curve) which distil off 
unchanged in composition, are called CONSTANT BOILING 
MIXTURES or azeotropic mixtures and any fractional: distillation 
in which the components can form azeotropic mixture is called 
azeotropic distillation. Sometimes, to distinguish this type from the 
other type of azeotropes to be discussed below, such azeotropic mix- 
tures are called by the explicit name of minimum B.P. azeotropic 
mixtures. The following table contains data for some typical azeo- 
tropic mixtures. 


jonent B.P. of A Component B.P. of B B. P. of 
pai °C B °C Azeotrope 
Minimum B.P. 
Rie 100 | Ethylalcohol 78.3 78.17 
Ethyl alcohol 78.3 CCl, 76.7 65.1 
Methyl alcohol 64.7 | Chloroform 61.2 53.4 
Benzene 80.2 | Methyl alcohol 64.7 58.3 
Acetic Acid 118.5 | Toluene 110.8 105.0 
hyl 

ch y 79.6 | Ethyl alcohol 78.3 74.8 
Maximum B.P. 
Azeotropes 
Water 100 Hcl —80 108.6 

J 100 | HNO, 86 120.5 
Chloroform 61.2 Acetone 56.1 64.4 
Acetic acid 118.5 | Pyridine 115.5 140 


11 
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It was formerly believed that constant boiling mixtures were 

definite chemical compounds formed by the union of the two com- 
ponent liquids. Such a view is no longer held as it is found that the 
composition of such constant boiling mixtures continuously varies 
with the external pressure at which the distillation is conducted, which 
is totally impossible to occur for a pure chemical compound. 
_ Hence, though a pure liquid boils at a constant temperature, the converse of it 
is certainly not true. But a constant boiling mixture and a pure liquid can be easily 
differentiated by submitting both to fractional distillation at various reduced external 
pressures. In the case of the pure liquid, all fractions of the distillate as well as the 
residual liquid will be identical, whereas for the azcotropic mixture these fractions 
may differ among themselves in properties. 


Distillation of Liquid Pair of Type I—The P-X curve of 
this class of liquid pair shows a minimum M’ (Fig. 53) and the T-X 
curve shows a maximum, M’ (Fig. 54). This type of mixture is much 
less common and so is industrially less important than the previous 
type of minimum boiling point mixture. The behaviour of such mix- 
tures as also the corresponding curves will be just the reverse of the 
previous type (Type II), and so its behaviour need not be discussed 
in detail. The liquid mixture corresponding to the composition of 
the minimum point, M’ is the least volatile (i.e, has the maximum 
boiling point) as its vapour pressure is lower than that of any other 
composition. So, if any mixture is fractionally distilled, the com- 
position of the liquid remaining in the flask wil] gradually approach 
towards the composition ofthe point M’, for, any other mixture being 
more volatile will pass off first. When 
the composition M’ has been reached 
the liquid will boil at constant tem- 
perature, unchanged in composition, 
just like a pure liquid at its boiling 
point. Thus, by fractional distilla- 
tion of a mixture of this type we can 
at most separate it into a maximum 
B. P. mixture and a pure component. 
The distillation diagram on a T-X 
plot of an actual system of this type 

moa E SHCSTNELO viz. acetone-chloroform is shown in 

Acetone Chloroform Fig. 61. 

Mole fraction chioroform 
f If we submit a composition cor- 
Fig. Ole E of responding to the maximum B.P. 

Goel (Type Ti). mixture, evidently it will boil off un- 

changed. Such mixtures are also 


called azeotropic mixtures or more explicitly maximum B.P. azeotro- 
pic mixtures. Some examples are given in the foregoing table. 


Boiling temperature 


Examples of Maximum B.P. Systems—It needs be pointed 
‘out that only systems which show strong negative deviation from 
Raoult’s law (P. 200) may show this behaviour (Type III). Since nega- 
‘tive deviation from Raoult’s law is shown by systems with strong 
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mutual interaction, usually accompanied by evolution of heat and 
contraction in volume, we must look for such types among organic 
liquid pairs with strong mutual attraction. A good example is 
chloroform-acetone where we know that there is strong hydrogen bond 
(vide Ch. XXVIII) formation, (CH;),CO..HCCl;, and this system 
belongs to this type (Fig. 61). 

Sulphuric acid and water form a constant boiling mixture of this 
type at a concentration of 98.7 per cent of the acid, and hydrochloric 
acid and water, at 20.24 per cent of the acid. Ifa dilute solution of 
HCI is boiled, the vapour coming out is richer in water and the 
mixture remaining in the flask gets concentrated. On the other 
hand, on boiling a concentrated solution of HCI the vapour leaving 
the system is richer in HCl and the liquid left gradually falls in 
concentration. In any case, on continued boiling, this change in con- 
centration goes on until a 20.24 per cent composition is reached, 
when the mixture boils off unchanged in composition at a fixed tem- 
perature. The composition of the constant-boiling HCl-water mix 
ture is so remarkably constant and is so little affected by small change 
of atmospheric pressure that this acid is often used as the standard 
in acidimetry. 

Industrial Importance of Constant Boiling Mixtures (Azeo- 
tropic Distillation)—The tremendous development of lacquers, var- 
nishes and other similar products during recent years has necessitated 
large scale production of a large number of organic solvents which 
in their turn often involve fractional distillation of solvent mixtures 
produced by various processes. Sometimes, very ingenious methods 
are applied to overcome the difficulties of separation of the pure com- 
ponents. An apt example is the German method of manufacturing 
absolute alcohol from ordinary alcohol. As already pointed out water 
and alcohol form a constant boiling mixture which prevents the puri- 
fication of alcohol by ordinary fractional distillation to more than 
about 96 per cent. Distillation with lime may increase the purity of 
alcohol to 99.2 to 99.9 per cent, but it is extremely difficult to get 
rid of the last traces of water. 


It has been observed that alcohol, water and benzene form a ter- 
nary constant boiling mixture in the proportion 18.5 : 7.4 : 74.1 which 
boils at 64.85°CG—a temperature lower by about fourteen degrees 
than the boiling point of alcohol-water azeotrope. The calculated 
amount of benzene is added to the alcohol containing traces of water 
and the mixture is submitted to fractional distillation. The first por- 
tion to boil off is the ternary mixture of benzene, alcohol and water, 
and the second fraction, a binary mixture of any excess benzene with 
alcohol (B.P. : 68.1°C); the residual liquid in the still is absolute 
alcohol. Since benzene is used for the purpose of carrying off 
the last traces of water, it is termed an ‘entrainer’ for water. The 
solvent industry is so highly developed nowadays that such azeotropic 
distillation has been the standard practice in their manufacture. 


Distillation of Partially Miscible and Immiscible Liquids--It 
can be proved on theoretical grounds (viz. Phase rule) that the vapour 


164 . ELEMENTARY PHYSICAL CHEMISTRY 


pressure of a system consisting of two separate liquid phases is con- 
stant at constant temperature. Thus, the boiling point of such a 
system consisting of two partially miscible or immiscible liquids is. 
constant and is lower than the boiling point of either of the pure 
components. Also, for immiscible liquid pairs, the composition of the 
vapour phase is constant and the amount of each of the components 
present is proportional to their respective vapour pressure at the 
boiling point of the mixture. Thus a mixture of aniline (B.P. 
184.4°C) and water would boil at a temperature below 100°C, and. 
as long as there are both aniline and water present (made possible 
by supplying steam to the mixture) the vapour coming out would 
contain both aniline and water in proportion to their respective 
partial pressures at the temperature of boiling. Benzaldehyde (B.P., 
178°C) also behaves similarly being volatile in steam and the distil- 
late contains 32.4 per cent benzaldehyde. 


The ratio of the weights of the two liquids in the distillate can be readily“ 
calculated. Suppose the partial pressure of water at the boiling point of the mixture: 
be P,, and let V be the toal volume of vapour distilled out. Then 

a es RT 
PyV=n, RT = Mr” RT or P,M, = g; X vy 

If the other component aniline has a vapour pressure, P, at the boiling point of 

the mixture then TIONG 
P,V=n, RT = -£ WS 
aV =n M, x RT or PM, = go X Vv 


where M, and M, are the molecular weights and g, and g, are respectively the: 
weights of the components present in the distillate. 


Therefore, dividing one equation by the other we get, 


& _ PM, ri 
PMA AO 


This is a strikingly simple relation and signifies that the ratio of the weights: 
of the substances distilling is the ratio of the products of their respective partial 


pressure and molecular weight and is independent of the relative amounts of 


the two substances, water and the immiscible organic liquid. Hence a high 
boiling point i.e. low vapour pressure is counterbalanced by a large molecular weight... 
Thus the main condition of a substance being amenable to steam distillation is that 
it must have sufficient vapour pressure at nearabout 100°C. In technical practice 
high pressure steam is often used to increase the volatility of the substance. 


Exampie 5. A mixture of aniline and water boils at 98.4°C. Calculate their respective: 
weights in the distillate, 
From the table, vapour pressure of water at 98.4°C is 717.6 mm. Since the liquid’ 


mixture boils at 98.4°C, its total vapour pressure must be 760 mm. Therefore, the 
partial pressure of aniline in the vapour is 760 mm. — 717.6 m.m.=42.4m.m, 


Now, mol. wt. of aniline is 93, and that of water is 18. 


wt. of aniline 42.4 x93 


<. According to eqn. 11.6, = ESOP Watee NETII 0.234 


i.e., about 23.4% of the weight of water is aniline. The experimental value is a 


4 1.6. Py RT . 5 
little lower because of the appreciable solubility of anilinein water which lowers the- 


vapour pressure. 
The above method in a reverse way may be used for the determination of molecular- 
weight of a liquid immiscible with water. a 


—— 
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EXAMPLE 6. It is observed that a mixture of nitrobenzene and water boils at a temperature 
of 99°C, at which the vapour pressure of water is 733 m.m. Calculate the molecular 
weight of nitrobenzene, from the fact that the distillate contains one part of nitrobenzene to 3.97 
barts of water. 

The partial pressure of nitrobenzene=760—733=27 mm. 

Therefore, according to equation 11.6, 

g _ PM 1 _27xM 
= re havı 1 
EPM, O Eoas 733x18 


M,=123, in good agreement with the theoretical value. 


Steam Distillation—The above discussion is the principle of 
steam distillation —a process widely used in organic laboratories to 
purify immiscible organic liquids. A distilling flask contains the mix- 
ture of the two liquids, say, aniline and water, and is heated to 
boiling. Steam is passed through the mixture, and the distilling flask 
is connected to a condenser and a receiver as usual. The distillate 
contains water as well as aniline and can be easily separated by a 
separating funnel. 


E. SOLUBILITY OF SOLIDS IN LIQUIDS 


General—Solids have a wide range of solubility values in a given 
solvent from being very sparingly soluble: to very highly soluble. For 
‘example, all the water present in our earth in any form is not enough 
to dissolve a gram cf mercuric sulphide whereas potassium iodide 
dissolves in less than its own weight of water. Generally, inorganic 
salts are sparingly soluble in organic solvents and organic solids 
(exception: highly polar compounds, e.g. urea, oxalic acid, etc.) have 
equally poor solubility in water. Thus solubility depends mainly on 
the nature of the solid and the solvent and on the temperature. 
There is no theory which can predict the solubility ofa given solid 
in a given liquid. It is a general rule that two substances of similar 
composition dissolve in each other. Very peculiarly, however, though 
organic simple hydroxy compounds are more or less soluble in water, 
heavy metal hydroxides are insoluble. 


The amount of a solid which is dissolved by 100 grams of a liquid 
to form a saturated solution at any temperature is called the Solubility 
of the solid in that liquid at that particular temperature. But, for 
physico-chemical purpose it is more convenient to express the solu- 
bility in molarity, molality or mole fraction (P. 146). 


It is a peculiar fact that the solubility of a solid depends to some extent, 
on its fineness of subdivision. Ordinary gypsum dissolves to the extent of 
2.089 gms. of CaSO, per litre of water at 25°C, whereas if the gypsum is very finely 
powdered, an aqucous solution of it may contain as much as 2.552 gms. CaSO, 
per litre. This has an important bearing on the methods of quantitative 
analysis. The precipitate of, say, barium sulphate, first formed is too fine to be re- 
tained by filter papers, but on digestion of the precipitate for a few minutes 
at nearabout boiling temperature, the precipitate does no longer pass through the 
filter. The explanation of this is that the fine particles are more soluble than the 
coarser ones and so the former dissolve and get precipitated on the coarser ones; 
as a result the finer ones are destroyed whereas the less fine ones grow in 
size and ultimately become sufficiently coarse to be retained in the pores of ordinary 
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filters. Warming the solution only hastens the change. Thisis very similar to smaller 
rain drops disappearing and the bigger rain drops growing at the cost of the smaller 
ones. 

Variation of Solubility with Temperature—The solubility 
curves of certain solids are shown in the accompanying diagram (Fig- 
62), where the temperature has been plotted as the abscissa and the 
solubility as ordinates. The solubility of most solids increases with 
rise of temperature as would be seen by the solubility curves of KNO,, 
KCI, etc. The solubility curve of common salt is highly peculiar, since 
it runs almost parallel to the temperature axis, thus indicating very 
little increase of solubility with rise of temperature. Some salts, how- 
ever, notably some calcium compounds e.g. Ca(OH).,CaSO,,CaCrO,, 
Ca-acetate, Ca-butyrate, cerous sulphate [Ce,(SO,)3], etc. show a 
decrease,of solubility with rise of temperature. (For heat of solution from 
solubility data see P. 114). 


The solubility curves so far discussed are smooth curves, but there 
are some salts, e.g., ammonium nitrate, sodium sulphate, etc. 
whose solubility curves show a sudden change in direction. From the 
figure it would be seen that the solubility curve of sodium sulphate 
is smooth up to 33°C, where it suffers a sharp change in direction. 
The explanation of this peculiar behaviour is that the initial branch 
of the curve represents the equilibrium between sodium sulphate 
solution and solid sodium sulphate decahydrate (Na,SO,, 10H,O). 
The latter part of the curve is the solubility curve of unhydrated sodium 
sulphate, and the point, where the sudden change in direction occurs, 


9 
90° 100 O 


40° 50° 69° 70° 80° 


Fig. 62—Solubility Curves of Solids. 


30° 


is the point of intersection of the two curves. Thus, 33°C is 
the transition temperature between decahydrate and unhydrated 
sodium sulphate. 
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_ Distribution of a Solid between Two Liquids—Suppose to a 
dilute aqueous solution of oxalic acid is added some quantity of ether 
and the whole is thoroughly shaken up and allowed to settle. Two 
layers will then separate, the upper one being of course, the ether 
layer. Now, oxalic acid is soluble both in ether and in water and 
hence, it will be present in both the layers, ż¿.e., oxalic acid will be dis- 
tributed between the two layers. Such a distribution takes place when- 
ever a solute is shaken up with two immiscible solvents, in each of 
which the solute dissolves, e.g., iodine in water and chloroform, acetic 
acid in water and ether, etc. Nernst carried out numerous distri- 
bution experiments and expressed his results in the form of the 
following law. Ifa solute is shaken up with two immiscible liquids 
in both of which the solute is soluble, the solute distributes itself 
between the two liquids in such a way that the ratio of solute concen- 
trations in the two liquid phases is constant independent of the amounts of the 
solute or the solvents; or, stated mathematically. 


=> =K ve LL, 


where C, and C, are the concentrations of the solute in the two 
phases respectively and K is a constant called distribution co-efficient 
or PARTITION CO-EFFICIENT. This law is called the 
NERNST’S DISTRIBUTION LAW or partition law. Henry’s 
law for gases is a special case of it. This law is valid only if no asso- 
ciation, dissociation or chemical combination between the solute 
and the solvent takes place. 

This law has been experimentally verified in a number of cases 
and is found to hold good only approximately like Henry’s law. The 
data for the distribution of iodine between carbon disulphide and 
water is given in the table, where G; : CG, is found to remain fairly 


constant. 


DISTRIBUTION OF A SOLUTE (Partition Law) 


Iodine between CS, and Benzoic acid between benzene 
water at 18°C and water at 20°C 

Gms. iodine | Gms. iodine Cy cone. Cy K= 

in 10 c.c. | per 10 c.c. K=— conc. in in benz. VC,|C1 

water (C;) | Cse (Ca) GQ water (C,) (Ga) Cy 

{ 

0.0041 | 1.74 420 0.0075 0.0084 1.12 12.3 
0.0032 1.29 400 0.0125 0.0239 1.92 12.4 
0.0016 0.66 410 0.0210 0.0651 3.10 12.2 
0.0010 0.41 410 0.0327 0.1650 5.05 12.4 


Tf the molecular weight of the substance is not the same in the 
two liquids i.e. if molecular association has occurred in any of the 
liquids, this simple law will not hold good. If the molecular com- 
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plexity has increased n times in the second solvent, it can be proved 
from the law of mass action that the equation will take the form 
G: VGj=K. From the table for the distribution of benzoic acid 
between benzene and water it is found that the ratio yC, : C, is 
constant showing that benzoic acid exists as double molecules (dimers) 
in benzene. 


These equations are useful in calculating the amount of a solute 
which can be extracted out from a given solution by another solvent 
as illustrated for a simple case by the following example. 


EXAMPLE 7. The distribution constant of succinic acid between water and ether 
is 5.5; 100 c.c. of normal succinic acid is shaken with 50 c.c. of ether. Find the 


resulting concentrations of the ether and the water layer. 


100 c.c. N succinic acid contains 5.9 gms. of acid 
Let x gms. of the acid dissolve in the ether layer. 
=. Conc. of ether layer=(x/50) x 1000 gms. per litre=20x 
=. Conc. of water layer=(5.9—x) X10 gms. per litre. 
Gwater _ (5-9—4)10 5 5 or, x=0.49 
C ether 20x 
+. Conc. of ether leyer=0.49 x 20=9.8 gms. per litre; 


-, Conc. of water layer=5.41 x 10=54.1 gms. per litre. 


It can be proved on theoretical grounds that the partition co- 
efficient is also equal to the ratio of the solubilities of the solute in 
the two solvents. Hence, the partition co-efficient, 


TOES 
ECA aia ENIS 


where sı and s, are the solubilities of the solute in the two immiscible 
liquids. From this relation it is possible to calculate either the 
partition co-efficient from solubility data or the solubility from distri- 
bution experiments. 

A very interesting application of liquid—liquid equilibrium is made in the modern 
process of refining lubricating oil. The crude lubricting oil contains some 
undesirable constituents of a highly aromatic structure, which easily get oxidised 
into acids, form sludge and corrode the engine. They are, however, moret 
soluble in various solvents and in actual industrial plants liquid sulphur dioxide (a 
times mixed with benzene) is used as the extracting solvent. A slightly different 
type of application is the liquid—liquid extraction of a turpentine or benzene solution 
of dark coloured rosin by furfural for extracting out the colouring matter to prepare 
a pale rosin of high quality. 

For an application of distribution experiments to determine 
the KI-+1,=K1, equilibrium, vide Ch. XVIII. 


Exampie 8. If mo gms. of a solute are present in V; litres and the solution is extracted 
using Va litres of an immiscible solvent each time, calculate the amount of the solute 
remaining after n extractions, given the distribution constant is K (=C,/C;). 


Let m, be the amount of solute remaining after the first extraction. Then the 
concentration in the first layer is mı/Vı and the concentration in the second 
layer is (mp—m)/Vs. Hence, according to Nernst law, 

(mg—m) Ve Vi 
“=K orm m ) 
mı[Vı ii °\ Vi+KV2 
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Now let ma be the amount ofsolute remaining after the second extraction. The 
welationship between mz and m, must be the same as that between m,and mọ Hence, 
2 


m =m ( NVa ) m ( Va ) = 
A *UVi+KV, oN VIFKV. 
and similarly, if m, be the amountleft after the n-th extraction, then, 


Vv n 
m=m( Rye ) eee) LLY, 


Multiple Extraction versus Single Extraction—Suppose we 
carry out two successive extractions of a given aqueous solution of 
oxalic acid using 50 c.c. ether each time, and suppose we do the same 
‘extraction with the same total quantity of ether t.e. 100 c.c. using all 
at once; the amount extracted will not be the same in the two cases. 
There willbe more extraction in the case of using the ether in two 
lots. This can be easily proved as shown below. 


If the total volume of extractant be V which is used in n equal lots, 
we have V = nV, Substituting V/n for Vs in eqn. 11.9 and dividing 
both numerator and denominator by Vj, we get 


1 n 
PSTN e e 
e=; FUEN) wO 
which is valid for n exyractions using V/n cc ata time. 
For a single extraction using the whole liquid all at once, n = 1. 


1 
<. mi = Mo ney bags oss (b) 
Dividing (b) by (a) 
m _ UUM K(V/Vi)" 
Mn 1-+-K(V/V,) 
1+K(V/V,) positive terms 
1+K(V/V,) 


Expanding the numerator by binominal theorem, we thus find that m,/m,,is always 
greater than one i.e., more remains after single extraction. 


1+ positive terms 


EXERCISES 


1. How does the solubility of a gas depend on the temperature and pressure? 
State Henry’s law in all the ways possible and discuss its limitations. 

2. Explain what is meant by:—(a) Solid solution, (b) critical solution 
temperature, (c) partition co-efficient, (d} constant boiling mixture is not a 
definite chemical compound, (e) distillation in steam, (f) constant boiling mixtures 
or azeotropic mixtures, and (8) partial pressure. 

If M is the average mol. wt. of a mixture of ideal gases, prove that 
PV=(g/M)RT (assume Dalton’s law). 

3. Discuss fully the methods you would use to separate the components 
of a binary liquid mixture. State the limitations. Illustrate with examples and 
sketches of the apparatus employed. 

4. What will be observed with regard to temperature and composition of the 
contents of three separate flasks containing respectively water, dil. HCl and dil. 
NACI solution, if they are gradually heated? 

5. Ifwater containing dissolved nitrogen is boiled, the dissolved gas is completely 
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expelled out. If HCl gas is dissolved in water and the solution is boiled, 
something quite different happens. Describe and discuss what happens in the latter 
case. 

6. Express the concentration of the following solutions in (a) molarity and 
normality, (b) molality, (c) mole-fraction and (d) percentage by weight: 

_ (i) 4.38 gms. CaCl, are present in 52.3 c.c. of a solution of density=1.12; (ii) a 
mixture of 50 c.c. alcohol (density=0.8) and 50 c.c. water; the total volume 
of the mixture=92 c.c. 

[(i) 0.7546 molar; 1.5092 normal; 0.782 molal; mole-fraction of calcium chloride 
0.0129; (ii) conc. of alcohol=9.43 molar, 17.4 molal, and 0.238 mole-fraction J. 
7. A sample of water contains 1 per cent heavy water (D,O) by weight. 
Calculate the mole per cent of heavy water in it. [0.901 mole %] 
8. Ten grams of benzene are mixed with 96 grams of toluene and the re- 
sulting solution is 0.870 times as heavy as water. Calculate the concentrations of 
both benzene and toluene in molarity and mole. per cent. 
[Benzene— 1.055 mol/litre, 10.94; Toluenc— 8.61 mol/liture, 89.06] 
9. One gm. of electrolytic gas is contained in a volume of 1 litre at 27°C. 
Calculate the partial pressures of hydrogen and oxygen. [1.37 atmos; 0.68 atm.] 
10. 1 gm. of oxygen, 1 gm. of hydrogen and 1 gm of methane are mixed and 
putin a vessel under a total pressure of 1 atmosphere at 0°C. Calculate mole fraction, 
partial pressure and conc. in moles per litre of each gas. 
[x=p=0.053, 0.842, & 0.105; c=0.00236, 0.376, & 0.004685 moles per litre.] 


11. Air contains 20 per cent oxygen and 80 per cent nitrogen. Calculate (i) 
weight per cent ofeach gas, (ii) the volume of ten gm. of air at N.T.P. and (iii) density 
of air in gms. per litre at N.T.P. (77.8; 22.2; 7.778 litre; 1.285] 

12. Explain the principle underlying the process of steam distillation. 

A mixture of water and nitrobenzene is distilled at one atmosphere by 
passing through it a current of steam. Calculate the per cent by weight of 
nitrobenzene in the distillate given that the vapour pressure of water at 100°C is 
760 m.m. and changes by 4.47% per degree whereas that of nitrobenzene at 100°C 
is 20.8 m.m. and changes by 5.20% per degree. 

[/2=20.16 m.m. pı=739.84 m.m. w/w2=0.1863; 15.7%] 

13. The partition co-efficient of iodine between water and CS» is 0.0017. An 
aqueous solution of iodine containing 0.1 gm. of iodine per 100 c.c. is shaken 
with CS}. To what value does the concentration of the aqueous solution sink 
(a) when a litre of it is shaken with 50 c.c. of CSa, (b) when a litre of itis shaken 


successively with five separate quantities, 10.c.c. each of CS? 
[0.0329 gm./1; 6.479 x 107 gm./1). 


14. Explain what is meant by the distribution law for a substance between two 
immiscible solvents. Show its relation to Henry’s Law regarding the solutbility of 
gases in liquids. 

Calculate how much succinic acid would be extracted from 100 c.c. of water 
containing 5 gms. of the acid if extracted with 50 c.c. of ether. The partition 
co-efficient of succinic acid between water and cther is 5.5. [0.417 gms.] 

15. The partition co-efficient of a substance between chloroform and water 
is approximately 5:1. Gompare the quantities of the substance extracted from 
100 c.c. of an aqueous solution by 100 c.c. of chloroform using (a) all the 
chloroform at a time and (6) using the chloroform in two instalments using 50 c.c. 
at a time. . [5 : 5.51] 

16. Prove assuming the formula deduced in example 8, (eqn. 11.9) that the 
amount extracted by two extractions with equal volumes of solvent is always greater 
than that extracted in one single extraction using the total volume at a time. 

17. Ifa solution is extracted repeatedly with an immiscible solvent using the 
same volume of the latter each time, show that the logarithm of the residual concentra- 
tion plotted against the number of extractions would give a straight line 

[Hivr:—Take logarithm of both sides of eqn. 11-9] 


CHAPTER XII 
PHYSICAL CHEMISTRY OF DILUTE SOLUTIONS* 


1. Osmotic Pressure 


Osmosis—All solutions exhibit a remarkable behaviour of great 
physicochemical interest, called osmosis. Suppose we insert a mem- 
brane between a solution and a solvent and the membrane does not 
allow the solute molecules to pass tlrovgh but allows free passage 
to the solvent molecules. Such a membrane which allows the solvent 
to pass through preferentially but precludes the passage of solute 
molecules through it, is called a SEMIPERMEABLE MEMBERANE. 
Examples of such membranes of more or less efficiency are fish bladders, 
lining of egg shells, cellophane paper; parchment, collodion, many 
inorganic precipitates (jellies), e.g., copper ferrocyanide, calcium phos- 
phate, copper silicate, etc., and also various other membranes present 
in biological systems (vide also P. 150). 

Since the ideal semipermeable membrane allows only the solvent 
to pass through and not the solute-at allythe’solvent will flow through 
the membrane towards the solution and will tend to dilute it. The 
same phenomenon would take place if we had separated two solutions 
of unequal concentrations with a semipermeable membrane, but here 
the net flow of the solvent would take place from the lower to the 
higher concentration tending to equalise the two concentrations. This 


À 5 rs 
Spontancous passage of s yom a solution of lower concentration towards 
a Solution 0 y when the two are separated by a semipermeable 
nemberane 1s calle SIS. 2 


Tt should be very carefully noted that if the semipermeable mem- 
brane is not present in the above set-up, the solute would_diffuse from 
the region of higher concentration to the region of lower con- 
centration until the concentration becomes uniform throughout. This 
phénomenon is called diffusion. On the contrary, in _the case of 
osmosis, the solvent moves ın the reverse direction viz., from the dilute 
towards the concentrated solution. "The trend, however, is the 
same in both the cases, viz., an equalisation of concentration throughout 
all accessible region. 

Abbe’ Nollet’s Experiment—Osmosis i.e. passage of a solvent 
through membranes was first observed by Abbe’ Nollet (1784). 


Abbe’ Nollet used an animal membrane (pig’s bladder) as the semi- 
embrane, which was stretched across the mouth of a 


thistle funnel, P (Fig. 63). The funnel was filled with a strong-sugar 


solution, S, and inverted over a trough of water, W, as shown in the 


figūre. The water gradually rises in the stem of the thistle funnel 
ite position of equilibrium is ultimately reached when the hydro- 


*In this chapter and in the next we shall discuss the colligative properties of 
solutions (for definition vide P. 74.). 


permeable m 
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Bese equales the pressure forcing the water in. This 
Pressure developed as a result of osmosis is the osmotic pressure of 
the solution and is measured by the diffe- 
rence in water levels inside and outside. 
It should be realised that a semiper- 
meable membrane is not the only type of 
selective barrier to flow of a dissolved 
solute, and such selective barrier may be 
created in other ways. But, whenever 
such a barrier occurs, the solvent tends to 
flow into|the region accessible preferenti- 
ally to the solute only. For example, 
swelling of leather and mary such pheno- 
mena are basically of a similar origin, viz. 
restriction of a solute in its free accessibi- 
lity to all region occupied by the solvent. 
Fig.63—Abbe’ Nollet’s Definition of Osmotic Pressure— 
Experiment. The above experiment of Abbe’ Nollet 
affords a precise definition of osmotic 
pressure. Suppose, we have an arrangement as shown in the adjoin- 
ing figure (Fig. 64). Itisa doubly bent tube fitted With a semi- 
permeable membrane, M on one side of ; 
which there is the pure solvent while 
on the other is the solution, both arms 
being fitted with water-tight pistons. 
This system cannot be in equilibrium, me sei-PERMEABLE 
since the solvent will tend to pass to 


the-solution, ynless we apply a pressure, 
Pont Repision or th solution’s side 
*¢ counteract t of the-sol- 


vent to flow in. This excess pressure, 


P on the solution’s side is the osmotic Eig. Gspot of 


pressure of the solution at this concen- 
traction. So, we may give the following definition of osmotic pressure.. 


If a solution is separated from the solvent by means of a sem 


i- 
to be ed__to 


permeable membrane, the excess pressure which. 
the—so intim in order to_check the inflow of the so 
equilibrium in the system, is called the osmotic pressure of the solution. 

The main point to realise about osmosis and osmotic pressure is 
that they are manifestations of the fact that a solution and a solvent 
(or two solutions of unequal concentrations) are not in thermodynamic 
equilibrium. Osmosis is merely a passage towards this equilibrium. 

Reverse Osmosis—If the applied pressure, P in Fig. 64 is higher 
than the osmotic pressure, solvent would flow-through the membrane 
from the solution side to the solvent side. This is called reverse 
osniosis. Attempts have been made recently to utilise this principle 
for obtaining pure water from sea water and ‘brakish’ water particularly 
for use in the newly-rich arid Arab countries. 


Experimental Determination of Osmotic Pressure—Reliable 
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measurements of osmotic pressure could not be made for a long time 
owing to the difficulty of producing a satisfactory semipermeable 
membrane. This was first surmounted by Traube (1867), who dis- 


covered a many unsuccessful atte embran various 
inorganic substances, ¢.g., Ca-phosphate, prussian blue, etc. that the 
ciocolate-red precipitate of copper ferrocyanide, when su: n 
the wall orous cel semipermeable 
membrane, which could stand very high pressure. 


We owe to the botanist, Pfeiffer (1877), the first reliable quanti- 
tative measurements of osmotic pressure. His method was later on 
improved upon by Morse, Frazer and their coworkers (1901—23) in 
America. Also Berkeley and Hartley (1906—09) in England using a 
different type of apparatus have produced a wealth of experimental 
data in this line. 


Pfeiffer’s Method—(i) Deposition of the semipermeable mem- 
brane :—A specially prepared onike warc Dono ee ee pro- 
pes cleansing and drying is filled with water and leftioitself until 
the inside pores are full of water. It is 1 ow kept immersed in a 3 per 
cent solution of copper sulphate for some time, and then thé interior 
of the pot is thoroughly washed out and quickly dried. The cell is 
then filled with a 3 per cent potassium ferrocyanide solution and 
again placed in the copper sulphate solution, The ferrocyanide 
gradually diffuses in and deposits a membrane inside the pores when 
further diffusion is prevented. After allowing sufficient time, the-celt 
is washed and tested for various pressures. The cell is thoroughly 
washed free from all electolytes and-is then ready for use. 


(ii) Measurement of Osmotic Pressure—The porous cup, P thus 
prepared is filled with the solution 
whose osmotic pressure is to be 
measured. The porous cup P, is 
cemented to a glass tube (g) which 
is fitted watertight with a stopper, 
through which passes a glass tube 
connecting it with a closed type air 
manometer (Fig. 65). The whole 
apparatus is placed in a tank of p 
water kept at a constant tempera- 
ture. Water gradually diffuses“in 
and develops a high pressure. Suffi- 
cient time (sometimes weeks) is 
allowed to attain equilibrium, and 
the osmostic pressure is then read on 
the manometer already calibrated. 
Tt is necessary to find the change in 
concentration of the solution due to 


Solvent 


the inflow of the solvent, but it is ex- Fig. 65—Pfeiffer’s Method 
perimentally found that with closed- (Osmotic Pressure) 


type manometer the volume of water coming in is negligibly small. 
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Morse’s Method—Morse, Frazer and their coworkers modified 
the method of Pfeiffer in two important respects. Firstly, they 
devised a method of preparing porous cells of very fine and uniform 
texture, so that they could make a strong membrane capable of with- 
standing higher pressures. Secondly, they modified the method of 
deposition of membrane. Their method is to take a solution of cop- 
per sulphate in the porous cell, which is partly immersed in a soļu- 
tion of potassium ferrocyanide and an electric current is sent in such 
a way that the copper ions travel outwards and the ferrocyanide ions 
travel inwards, so that they meet inside the pores and get deposited 
there as a membrane of Cu-ferrocyanide. The completion of the 
process is known by a marked increase in resistance, when the current 
almost stops. The cell is then thoroughly washed and is ready fez 
use. Their experimental set-up is similar to that of Pfeiffer and is 
shown in Fig. 65. For measurement of pressure Morse used a mano- 
meter filled with nitrogen. Later workers introduced more refined 
methods such as an electric resistance gauge and later, water inter- 
ferometer, the pressure being indicated in the former by a change of 
electric resistance of a wire and in the latter by the variation of the 
refractive index of water. 


Berkeley and Hartley's Method—An important improvement 
in the method of measurement of osmotic pressure was devised by 
Earl of Barkely and E. G. J. Hartely (1909). Instead of allowing 
water to diffuse in and develop its own osmotic pressure, they 


APPLIED 
PRESSURE 


PRESSURE 


IMPREGNATED 
MEMBRANE 


Fig. 66—Measurement of Osmotic Pressure: 
Apparatus of Berkeley and Hartley. 


balanced the inflowing tendency of the water by an applied external 
pressure which by definition, is equal to the osmotic pressure. ~ 


The apparatus (Fig. 66) consists of two concentric tubes, the 


inner one, MM being of fine uniform-textured porcelain in the 
ee SS 
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pores of which is electrolytically deposited the membrane of copper 
forrocyanide. The ends of the tube are connected to a fine capillary 
atone end and a funnel provided with a stopcock at the other. The 
outer tube made of gun-metal is solidly fixed to the porcelain tube 
and is provided with an arrangement for applying definite pressures 
by means of a piston. In the annular space between the two tubes 
is introduced the solution, while the inner porcelain tube contains 
water up to a definite level in the capillary tube, T. Water from 
inside diffuses into the solution and the level of water falls in the 
capillary tube, T. By applying a suitable pressure on the solution, 
the water in the capillary tube is forced to the original level, and this 
pressure is the osmotic pressure of the solution. The advantages 
of the method are that it is very simple and reid, and. can record 
very high pressures, and that the concentration of the solution is not 
appreciably changed by dilution with the solvent. 

Determination of Relative Osmotic Pressure—There are some 
simple methods which may roughly measure and compare the osmotic 
pressure of solutions. De Vries (1889) employed plant cells for this 
purpose. These cells are bounded by more or less firm cellulosic. 
walls which are lined with a membrane permeable to water but imper- 
meable to substances dissolved in the cell-sap, e.g. glucose, K-salts, 
etc. If such a cell is immersed in a solution of lower concentration 
and consequently of lower osmotic pressure than that of the solution 
inside the cells, no appreciable change in the size of the cell will be 
observed, since the rigidity of the wall will not allow the water from 
outside to come in. If however, the cell 
is immersed in a solution whose osmotic 


ressure_i r than that of the cell- 
sa ere will be a diffusion of water 
‘om the interior of the cell to the sur- 


rounding solution s will Yesult in a 
ial coll 


part: apse of the cell membrane and 
would appear under the microscope as 
shown in the figure (Fig. 67) ; this pheno- 
menon is known as fplasmolysis. The 
retreat of the cell membrane cam be easily 
followed with the microscope after stain- 
ing the cell with a suitable staining dye, 
e.g. indigo carmine, etc. 


N 


De Vries applied this fact to the Fig. 67—Plasmolysis. 
determination of relative osmotic pres- — 
sure, by placing the plant cells in two solutions to be compared and 
noticing how much each had to be diluted in order to make solutions 
which were just able to cause the cell membrane shrink. These solu- 
tions had the same osmotic pressure and he called such solutions which 
have equal osmotic pressure ‘ISOTONIC’ or ‘ISOSMOTIC’. 


Red blood corpuscles may be used in place of plant cells, for, 
when placed in a strong solution they shrivel, while in weak solu- 
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tions they swell and burst (Haemolysis). A 0.84 per cent sodium 
chloride solution is isotonic with the contents of the red blood cells 
and this strength of commen salt solution is known in surgery as a 
‘normal saline’ solution. 


It should be pointed out that ‘isotonic’ is not exactly the same 
as ‘isosmotic’ because most naturally occurring membranes are not 
perfectly semipermeable. In fact they are often selectively perme- 
able to certain solutes whereas they are practically completely imper- 
meable to other solutes present inside or outside the cell. For exam- 
ple, the membrane of human R.B.C. (red blood corpuscle) is per- 
meable to most types of ions present in blood but is impermeable 
to Nat and K+ ions. So, when two solutions are isotonic as deter- 
mined by observing plasmolysis of cells, their osmotic pressures with 
respect to the impermeable solutes are the same, but if these solutions 
contain solutes permeable to the cell wall in different proportions, 
the tota] osmotic pressures of these two ‘isotonic’ solutions may be 
quite different. Conversely it is possible to have unequal concentra- 
tion of a certain solute between the inside of a cell and its surround- 
ing medium, even when the total osmotic pressure inside and outside 
isthe same. So, ‘tone’ is not quite the same as osmotic presure. 


Osmosis in the Living Organism—Osmosis plays an essential 
role in the process of life as it is the principal factor which 
regulates the flow of water between living cells and their environ- 
ments. So, it is of great importance in biology, medicine and related 
sciences. Too great an osmotic flow into or out of the cell impairs 
the functioning of the cell and may even destroy the cell, and so it is 
essential for healthy cells to have osmotic equilibrium between the 
fluids inside and outside the cells. Thus, in medicine, solutions 
isotonic with blcod plasma are used for injection. Jf pure water is 
injected in sufficient quantity, it may owing to osmosis pass into the 
tissues and also cause haemolysis of blood, which may lead to fatal 
results. The living body has a mechanism to maintain a fairly cons- 
tant osmotic pressure of the body fluids. If the osmotic pressure of 
‘the blood becomes higher than the hydrostatic blood pressure in the 
kidney, formation of urine would tend to cease leading to serious 
impairment of the excretory function. Such a condition would be 
equivalent to having the pressure P in Fig. 64 less than the osmotic 
pressure, when there will be no flow from inside to outside i.e. from 
right to left {in fact, there would be a flow in the opposite direction). 
Thus low blood pressure or high osmotic pressure of the blood plasma 
is equally dangerous for proper functioning of the kidney, and simple 
osmotic pressure considerations throw much light on the mechanism 
of the’ process. 

The Nature of Semipermeable Membranes—The mechanism of semi- 
permeability is not well understood. Theories based on sieve action, oF 
preferential solubility of the solvent in the membrane material, or the formation 
of a loose chemical compound with it, or the adsorption of the solvent on the walls 
of the bundle of capillaries constituting the membrane, have been advanced, but 
there seems to be little decisive evidence in favour of any. 
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The thermodynamic interpretation is, however, very clear. A solution has 
a lower vapour pressure than that of the solvent and so, the vapour distils through 
the capillaries of the semipermeable membrane from the high vapour pressure side 
{solvent) to the low vapour pressure side (solution). Since application of pres- 
‘sure is known to increase the vapour pressure of any liquid, osmotic pressure is just 
equal to the applied pressure, which equalises the vapour pressure of the solvent 
and the solution, and this pressure would be registered in any osmotic pressure 
determination by whatever mechanism the membranes might act. 

But, whatever may be the correct theory of osmotic pressure and semipermeabi- 
lity, it should be clearly grasped that the membranes are only artifices which mani- 
fest the existence of osmotic pressure, but the latter is an inherent property of the 
solution whether the membrane is present or not. Moreover, it may be pointed out 
that though from kinctic standpoint the osmotic pressure is also equal to the partial 
internal pressure of solute molecules, it is not developed on the surface of a solution, 
where it is balanced by the forces arising out of the surface tension. Solutions of 
ordinary concentrations may have osmotic pressure equal to several hundred atmos- 
pheres, still they can be safely stocked in ordinary glass bottles without the least 


‘strain or injury to them. 

The Perfect Semipermeable Membrane—It has already been 
pointed out that no semipermeable membrane is perfect. In other 
words, there is some leakage of solute through the semipermeable 
membrane of all types so far prepared. It should be realised that a 
‘semipermeable membrane may not have to be a solid. Thus, a layer 
of liquid or even a gas can as well serve as a semipermeable membrane, 
In fact, the closest approach to the perfect semi-permeable membrane 
is air or any gaseous phase because if we keep a solution and a solvent 
in a closed space, the solvent can pass through the gaseous phas hase 
from the solution to the solvent, whereas the non-volatile solute can, 
not (see experiment on owering of vapour pressure Fig. 70, P. 186). 

It is as much logical to view the empty space as a semipermeable 
membrane in the above experiment as to regard the animal bladder in 
Abbe’ Nollet’s experiment or copper ferrocyanide membrane in Pfeiffer 
experiments as a semipermeale membrane. In fact lately, short air 


È or ee 
space-in-hetween-2_soln tian ang # solvent has successfully been used 
as_a perfect semipermeable membrane in osmotic pressure measure- 


ments, ‘* 

Van’t Hoff’s Equation of Osmotic Pressure and his Theory 
of Dilute Solution—Pfeiffer and others had experimentally collected 
a large amount of data on osmotic pressure, but neither was their signi- 
ficance grasped nor was any regularity recognised by them. We are 
indebted to the genius of van’t Hoff (1886), for the recognition of a 
system and regularity in this region, leading to his well known theory 
of solution. Van’t Hoff showed that all facts regarding osmotic pres- 
sure of dilute solutions of non-electrolytes are embraced by the follow- 


ing equation. 


a=cRT or rV =n RT we bee 


where ~ is the osmotic pressure, ¢ is the r concentration (gm.- 
moles per litre), V is the volume containing n moles of solute, R is 


BVAISLRCNO UCR i 
the universal gas constant an he absolute temperature. ‘This 
equation is identica with the ideal gas equation (P. 6), PV = RT. 
So, we may conclude that the ideal gas equation PV = RT is also 


valid for substances in dilute solution, provided P stands for 
12 
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osmotic pressure, m. Thus complete identity of behaviour of 
substances in the gaseous state and in solution is established. (To 
avoid confusion we shall always designate osmotic pressure by m in 
contrast with gas pressure by P in Roman type). 

This conclusion first reached by van’t Hoff, led him to his histori- 
cally important theory of solution embodied by his following state- 
ment: ‘The osmotic pressure exerted by any substance in solution is the 
same as it would exert if present as æ gas in the same volume as that occupied 
by the solution, provided that the solution is so dilute that the volume occupied 
by the solute is‘negligible in comparison with that occupied by the solvent.” 
This analogy with gas, though useful, is in some respects misleading. 
Gas pressure is due to bombardment by the molecules in motion, but 
osmotic pressure can in no way be ascribed to the bombardment by 
the solute molecules on the semi-permeable membrane. It is essen- 
tially the pressure needed to cqualise the activity of the solvent on 
the two sides of the membrane such that the solvents on both sides 
may.come to equilibrium with each other (vide P. 177 top & P. 180). 4) 


Fig. 66—J. H. van't Hoff (1852—1911) and W. Ostwald (1854— 1922) 


LAWS OF OSMOTIC PRESSURE 


In an elementary presentation van’t Hoff’s equation js very often 
expressed piece-meal in the form of three different laws in analogy 
with Boyle’s law, Charles’ law and Avogaro’s law as given below. 

Law 1. Temperature remaining constant, the osmotic pressure of @ 
solution is proportional to its concentration (m œ c; the symbol oc stands 
for ‘varies as’). y 

Since c = 1/V, we have m œ c œ 1/V or mV = const. where 7 is 
the osmotic pressure and V, the volume containing 1 mole of the 
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solute. So, osmotic pressure obeys a law analogous to gas ‘pressure 
The following table complied from the data of Berkeley and Hartley 
on sugar solution, illustrates the point. It should be noted that V 
is not only fairly constant but bas the ideal gas value in conformity 
with van’t Hoff equation. So, a eomplete identity between osmotic 
pressure and gas pressure is established and we can write 7V=RT 
(or 7V=nRT for the general case). 


Osmotic PRESSURE AND CONCENTRATION (T=0°C) 


- Volume Osmotic 
Moles/litre containing one Pressure, 7 
c mole (V in litres) |(atmosphere) 


0.02922 34.223 0.655 
0.05843 £ 17.114 1.310 
0.0970 10.309 2.18 
0.1315 7.604 2.95 
0.2739 3.650 6.14 


Law 2. Concentration remaining constant, the osmotic pressure of a 
2 _ solution varies directly as the absolute temperature (m œ T). 

It is remarkable that the effect of temperature on the osmotic 
pressure is also similar to the effect of temperature on the pressure 
of a gas (Charles’ law). The following table taken from the work of 
Morse and Frazer on sugar solution illustrates the validity of the law. 


Osmotic PressURE AND ‘TEMPERATURE 


c=32.6 gms|litre 
=0.1 molal 


0° oan ie: rE 40° [6o 


Osmotic Pressure, 2.43 2.45 2.50 2.54 2.59 2:56. 12.72 


i 
aene ge a90 | ari | 8.83 | 8.82 | 884 |} — | — 
Z x100 


* Law 3. Equimolecular quantities of different solutes dissolved in the 
same volume of a solvent exert equal osmotic pressure under identical condi- 
tions of temperature. a. 

Since, equimolecular quantities contain an equal number of 
molecules, this law is equivalent to Avogadro’s law for gases and may 
be stated similar to Avogadro’s law : Equal volumes of all solutions 
(non-electrolytes) having the same temperature and osmotic pressure 
contain an equal number of solute molecules. 

Conversely, this means that every molceule of the dissolved solute, 
big or small, exerts the same osmotic pressure at the same temperature. 
Thus, one giant molecule of say, a protein of a few hundred thousand 
molecular weight, has the same osmotic pressure as a tiny molecule 
| of say; urea. As another illustration, an one per cent solution of 
| glucose has almost double the osmotic pressure of an one per cent 


180 ELEMENTARY PHYSICAL CHEMISTRY 


solution of cane sugar, because one gram of glucose contains almost 
double the number of molecules as contained in the same weigbt of 
cane sugar. The student should try to clearly appreciate the above 
point as this is the basic picture of the whole range of colligative 
properties ofsolutions. 

Deviations from van’t Hoff’s Equation—These laws of osmotic 
pressure embodied in the van’t Hoff equation, m = cRT, are only 
valid for dilute solutions of non-electrolytes and such solutions are hence 
. called ideal solutions in analogy with the definition of ideal gas (P. 6 
& 101). Marked deviations may however occur from either of the 
three causes : 

(i) High concentration of solute 

(ii) Association in solution 

(iii) Dissociation in solution 

The actual deviation from the osmotic pressure equation due to 
high concentration of the solute is, for solutes like sugar in water, in 
the direction of higher values than those given by van’t Hoff’s equa- 
tion. ‘This is demonstrated in the following table compiled from the 
data of Frazer and Myrick (1916) for cane sugar solution at 30°C. 


Osmotic PRESSURE OF CONCENTRATED SOLUTIONS 


Molal Observed Calculated Per cent 
concen- Osmotic pressure osmotic deviation 
tration (atmospheres) pressure 


2.47 2.47 
27.22 24.72 
58.37 49.40 
95.16 74.20 

138.96 98.90 
187.3 123.60 
232.8 148.30 


Such departure from ideal behaviour was formerly regarded as due to 
the combination of the solvent and the solute (hydration) and also to 
molecular association of the solvent. This view no longer finds favour 
among contemporary physical chemists who are increasingly realising 
that they have been too long “under the spell of an over-simplified 
theory of solution, which regarded the solvent mainly as offering space 
in which the solute could masquerade as a gas’—and active researches 
are in progress to find out the real cause. We shall discuss towards 
the close of the next chapter under the heading ‘abnormality in 
solution’ about the last two factors mentioned above. 

Determination of Molecular Weight from Osmotic Pressure 
Measurements—The equation 7V =(w/M)RT can be profitably em- 
plyed for the determination of molecular weight. All quantities are 
here directly measurable except the molecular weight, M and so M 
can be calculated out. This method though theoretically sound is 
not frequently used for the determination of molecular weight due to 
the great experimental difficulties attending on the measurement of 
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osmotic pressure. However, for high molecular substances such as 
proteins, polymers, etc. this method is very suitable and is extensively 
used nowadays. For example, the molecular weight of haemoglobin 
was first determined by osmotic pressure method and was found to 
be 68,000, the same value being obtained from the blood of different 
animal species. Some numerical examples are worked out to make 
the method of calculation clear. 


Numerical Calculations. The equations to be used are :— 
_ (i) 7=cRT, (ii) =V =nRT and (iii) 7V = (w/M). RT 
The first equation is useful when concentration is directly expressed in moles 
per litre ; the second one is to be used when the dissolved amount is given in moles 
only ; and the third equation is suitable if the amount of solute is expressed 
in grams, or for the calculation of molecular weight. 


Example 1. A solution containing 1 gm. of urea per litre is found to exert an osmotis 
pressure equal to 304 m.m. at 15°C. Calculate the molecular weight of urea. 


Using the equation 7V =RT where 7 = m atmos., V = 1 litre 


w=1 gm. and T=288° Abs., 


we have, 308 x 1p, 0.082 x 288 or M=59.1. 


Example 2. Calculate the osmotic pressure of a decinormal (N/10) solution of cans 
sugar at vO . 


Using the equation 7=cRT, where c=0.1 and T=273° Abs. we have 

a=0.1 x 0.0821 x 273=2.24 atmos=2.24 x76 cm. of mercury. 

Example 3. A solution containing 10.2 gms. of glycerine per litre is Sound to be isotonia 
with a 2 per cent solution of glucose. Calculate the molecular weight of glycerine (mol. wè. 
of glucose—180). 

Using the equation 7V=(w/M) RT, we have for the glycerine solution, 

m= (10.2/M) XRT and for the glucose solution, 7; x0.1=(2/180) RT. Since 
the two solutions are isotonic, 7;=72- 


10.2 2 a, 
“er “BT =jgpxcoa XRT or M=91.8. 


Example 4. A 0.2 per cent solution of cellulose acetate in acetone (sp. gr.—0.8) shows 
an osmotic rise of 23.1 m.m. against pure acetone at 27°C. Calculate the molecular weight 


of the cellulose acetate. 


Osmotic pressure =23.1 m.m. of acetone 
=2.31 x 0.80/13.6 cm. of Hg. 
=0.136=0.136/76 atmos. 


Applying the familiar equation 7V=(w/M) RT, we have 
wRT_0.2%0.082%900 _ 
M="7-= (0136/76) x0.1 ~ 7790? 


EXERCISES 
Osmotic Pressure : 


1. Explain what is meant by (a) Osmosis ; (6) osmotic pressure ; (c) isotonic 
solutions ; (d) plasmolysis and (e) semipermeable membrane. 

2. Describe an experimental method for the determination of osmotic pressure 
of solutions, and show how this may be used to determine the molecular weight of 
a subsiance? State the limitations of the method, 
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3. Define osmotic pressure and give reasons which led van’t Hoff to estab- 
lish the analogy between dilute solution and gases. What are isotonic solutions? 


. 4. Name the different methods employed for the determinations of molecular 
weight of a substance. Discuss the relative usefulness and describe the method 
you would employ for determining the molecular weight of a non-volatile non- 
electrolyte. 
- Which of these methods would you employ for determining the molecular weight 
of (a) cane sugar and (b) acetone? 
5, State the laws of osmotic pressure. The osmotic pressure of a 2 per cent 
solution of acetone in water is 590 cm. of mercury at 10°C. What is the mole- 


cular weight of acetone? [59.8] 
The osmotic pressure of a solution of 0.184 gm. of urca in 100 c.c. of water was 
56 cm. of mercury at 30°C. Calculate the mol. wt. of urca. [62.1] 


A solution containing 0.312 per cent (wt./vol.) of a substance gives an osmotic 
pressure of 1.27 atmospheres at 25°C Calculate the molecular weight of the sub- 
stance. [60.1] 

6. Calculate the gas constant R in litre atmosphere from the observation that 
a solution containing 34.2 gms. of cane sugar in 1 litre of water has an osmotic pres- 
sure of 2.522 atmosphere at 20°C. [0.0866] 

7. At 10°C, the osmotic pressure of an aqueous solution of urea is 500 mm. 
of mercury. The solution is diluted and the temperature is raised to 26.8°C, when 
the osmotic pressure is found to be 105.3 mm. Determine the extent of dilution. 1 

BUEN] 

8. At 24°C, the osmotic pressure ofa cane sugar solution is 25.1 atmospheres, 
What is the concentration of the solution in moles per litre? 

[1.029 mol./litre] 


9, Calculate the osmotic pressure of a 5 per cent cane sugar solution (mol. wt., 
342) and a 5 per cent grape sugar (M=180) solution at 27°C. What strength of 
urea (mol. wt., 60) solution is isotonic with the cane sugar solution? 

[3.596 ; 6.834 atm. ; 0.877%] 

“40. 10.1 gm. of a volatile liquid occupies a volume of 4 litres when vaporised 
at 100°C and 700 m.m. pressure. What would be the osmotic pressure of a 2 
cent (gm./100 c.c.) solution of this substance at 0°C? [5.34 atm.] 


ii. What is the osmotic pressure of human blood as it is known to be isotonic 
with 0.9 per cent common salt solution? Assume common salt to have an osmotic 


pressure twice the theoretical valuc. [7.82 atmos.] 
12. An one per cent solution of albumen gives an osmotic pressure of 3.71 cm. 
of water at 27°C. Calculate the molecular weight. [68,000] 


13. A solution of alcohol in water has an osmotic pressure of say, 5 atmospheres, 
Is this osmotic pressure due to the alcohol or to the water? Has this solution two 
different osmotic pressures, one due to the alcohol and another duc to the water? 
Discuss fully. 

14. Suppose we have two samples of glucose, one, the ordinary glucose and 
another, the C!4—glucose (i.e. all carbon atoms are constituted of the O™ isotope 
of carbon). Will both the samples give the same osmotic pressure for a one per 
solution at0°G? Discuss quantitatively. [about 7% higher = for ordinary glucose] 


CHAPTER XIII 
PHYSICAL CHEMISTRY OF DILUTE SOLUTIONS 
I. Lowering of Vapour Pressure and Related Properties 
LOWERING OF VAPOUR PRESSURE 


Raoult’s Law for Vapour Pressure Lowering—If any non- 
volatile substance (solute) is dissolved in a liquid (solvent), it is found 
that the solution has a lower vapour pressure than that of the pure 
solvent at the same temperature. The extensive researches of Raoult 
(1887) on aqueous and nonaqueous solutions led him to the follow- 
ing formulation of the law underlying the phenomenon, and this is 
known as RAOULT’S LAW, which may be stated as follows :— 
The relative lowering of vapour pressure of a solvent by a non-volatile solute 
és equal to the mole fraction of the solute in solution. Relative lowering 
is defined as the ratio of the lowering of vapour pressure to the vapour 
pressure of the pure solvent. 

If P, is the original vapour pressure of the pure solvent and P, 
the vapour pressure of the solution, then the lowering of vapour 
pressure is Pọ—P and therefore, the relative Jowering of vapour 


pressure, by definition, is a 
0 


of solute dissolved in n, moles of solvent, then the mole fraction of 


If the solution contains ng moles 


the solute, by definition (P. 146), is a. So Raoult’slaw becomes 
5 bette’) 


P,—P aia 


Po  nytne 
where x is the mole fraction of the solute (vide p. 146 for'symbols). 


= xy te bo BI 


Alternative Statements of Raoult’s Law—Equation 13.1 can 
be easily modified in the following way. Subtracting both sides of 
equation 13.1 from unity, we get on simplification, 


Pye le pee 

Po Myths aor Rota) een 3.2) 
where x, is the mole fraction of the solvent. Thus, Raoult’s law can 
be alternatively stated in a simpler way as follows: The partial 
vapour pressure of the solvent over any solution is equal to the the vapour pres- 
sure of the pure solvent multiplied by the mole fraction of the solvent. For 
theoretical purpose, this is the most useful form of Raoult’s law. 


Another alternative form of eg. 13.1 sometimes convenient 
for computational purpose is obtained by dividing eqn. 13.1 by eqn. 
13.2 (a) when Raoult’s law becomes 


Po- E 2% a 
P oo Fae YORE) 
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Any of the equations, 13.1 13.2 or 13.3 represents Raoult’s law, 
and at least one, preferably 13.2 should be memorised. 


For very dilute solutions n, can be neglected in comparison to ns, 
and so Raoult’s Jaw (eqn. 13.1) takes the approximate form 


Pose ban io 


P (Reault’s law for very dilute solutions) .. 134 
o ny 


Fig. 67—F. M, Raoult (1830—1903) 


Some Remarks on Raoult’s Law—Raoult’slaw, the most impor- 
tant Jaw in the realm of solution, holds good for dilute solutions of 
non-electrolytes (vide P. 200), the more dilute the better. Though it 
is usually stated to be valid for non-volatile solutes, this limitation is- 
unnecessary provided P, and P stand for parital pressure of any one 
of the components (vide Exercise 6, P. 205). 


It should be further noted that Raoult’s law makes no mention 
of temperature and so it follows that the relative lowering of vapour 
pressure is the same for a given solution at all temperature. Some 
data illustrating the validity of Raoult’s law for aqueous mannite 
solution at 20°C are presented below : 
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| @o—P)/Po x10? 
Pressure, 
Molality | Po Pa—P 
0.0000 17.51 
0.0984 0.0307 
0.1977 0.0614 
0.2962 0.0922 
0.4938 0.1536 
0.6934 0.2162 
0.8922 0.2792 
0.9908 0.3096 


Graphical Representation of Raoult’s Law—According to eqn. 
13.2 if P, the partial vapour pressure of the solvent over the solution, 
is plotted against mole fraction of the solvent (xı), a straight line would 
be obtained, which would pass through the origin and end on the 
vapour pressure of the pure solvent Po, as shown in Fig. 78, curve 
A (P. 200). However, Raoult’s law is a limiting law experimentally 
valid for dilute solutions (i.e. x,>1 and x,>0) and so the experi- 
mentally observed curves are like B or C and only in exceptional cases 
like A (A means Raoult law is valid over the whole range of concen- 
tration). So the graphical implication of Raoult law is that at least 
the limiting slope of the vapour pressure curve of the solution is identi- 
cal with OP,, which is a known value for any solvent. Note its dis- 
tinction from Henry’s law (p. 150) which also predicts a limiting 
linear portion similar to Raoult’s law but the limiting slope 
is unpredictable and unknown. 

Thermodynamic Derivation of Raoult’s Law—The net work, 
w’, (i.e. the decrease in free energy) of transfer of one mole of solvent 
of vapour pressure, P, to the solution of vapour pressure, P is given 
by (vide P. 125 and 135), 


w!=—AG=RT ing? 
The same transfer if done osmotically by reversibly pushing through 
a semi-permeable membrane, would yield a net work w’ given by 
w =7V ~7Vo 
where z is the osmotic pressure ar d V is the volume of solution which 


contains one mole of the solvent, which in dilute solution is nearly the 
same as the molar volume of the solvent, Vo. Equating the two work 


terms we have 
Po— 
nVo = RT In Pe=RT In [1+( = *)| .. 13.5 


For dilute solution the above equation transforms into 


aVyoRT ee [since tn (I++8) =] 
PoP. PP 


O NVa i 
o r o, (approx.) = RT za _ +s 13.5(@) 5 
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i.e. relative lowering of vapour pressure is proportional to the osmotic 
¿pressure of the solution and hence, also proportional to concentra- 
ition. 


{If n, moles of solute are dissolved in V litres, we have c = n,/V- 
} «. We have according to van’t Hoff’s equation (equation 12.1) 
m =cRT = (n./V)RT. 

Putting this value of z in the previous equation (13.52), we get 

Eopeleest Vo 2 73Vio. is .. 13.6 

P RV) my 
since V/V, is approximately equal to the number of moles of solvent 
n, This is Raoult’s law (equation 13.3). which can be easily put 
in the usual form (eqn. 13.1) by adding unity on both sides. 
‘Conversely, if Raoult’s law is assumed van’t Hoff’s equation (eqn. 
12.1) can be easily deduced. 

Experimental Determination of Lowering of Vapour Pres- 
sare—Since the lowering of vapour pressure 1s very small and since 
we are interested in the difference, P>—P, the method has to be very 
sensitive and preferably of the differential type, i.e. measuring the 
difference directly. The methods in more common use are— 

(i) Differential Tensimeter method, 

(ii) ‘Isopiestic’ vapour pressure method, and 

(iii) Gas saturation method. 

(i) The tensimeter consists of two bulbs, connected by means of a sensitive 
oil-filled manometer (Fig. 69). The two bulbs contain the solution and the solvent 
respectively. They are connected in common to a vacuum pump and brisk boil- 
ing is allowed to take place to get rid of the last traces of dissolved gas. The bulbs 


are now cut off from the pump and brought in connection through the manometer. 
The manometer now reads directly the vapour pressure lowering. 


(ii) A recent development in vapour pressure study of solutions is the highly 
ingenious method of Robinson called isopiestic vapour pressure method, The method 
in principle consists in placing in a closed space under high vacuum with good ther- 
mal contact to prevent temperature fluctuation, two solutions, one containing an 
unknown solute and the other containing a solute the vapour pressures of whose 
solutions at various concentrations are already known (Fig. 70). Vapour from 
the weaker solution (i.e. higher vapour pressure) will distill into the stronger solu- 


THERMOSTAT 


SOLID METAL BLOCK 


Fig. 69—Tensimeter Fig 70—Isopiestie Method 


gion until the two solutions become of equal vapour pressure i.e. of equal mola” con- 
centration. The vapour pressures of the solutions of the unknown sclute are thus 
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easily obtained by noting the corresponding concentrations of the known solute 
which are in mutual equililbrium. 


(iii) The GAS SATURATION METHOD which is a “dynamic 
method’ in contrast with the previous two which are ‘static methods’ 
is shown in principle in Fig. 71. 


A slow stream of dry air is passed through a series of wash bottles, 
A (one shown in Fig.) containing the solution, the air thus getting 


Daran 


Fuse» CoUa 


Fig. 71—Gas Saturation Method 


saturated up to a pressure P, the saturation pressure of the solution. | 
‘The wash bottles lose weight which is proportional to the vapour : 
pressure of the solution, P. 


This air is now passed through another train of wash bottles, 
B containing the pure solvent ; some of the latter then vaporises to 
raise the vapour pressure of the air from P to Po, the saturation pres- 
sure of the pure solvent. Therefore, the loss in weight of this system 
of wash bottles is proportional to Pọ—P. 


The saturated air now passes through another system of U-tubes, 
C containing an absorbent (fused CaCl, for water vapour) to com- 
pletely absorb the vapour content of the air. The increase in weight 
of these drying tubes is proportional to Py, the saturation vapour 
pressure of the solvent. Therefore, we have 


P,—P _ Loss in wt. of B an Loss in wt. of B 
P, Gainin wt. of CG Combined Loss in wt. of A & B. 


So, by measuring the weights either of A and B, or of B and C, the 
relative lowering of vapour pressure can be determined with the help 


of the above equation. 


Molecular Weight from Vapour Pressure Lowering—Let ws 
gms. of solute of molecular weight M, be dissolved in w; gms. of sol- 
vent of molecular weight M,. So, number of moles of solute, 
g=W,/M, and number of moles of solvent, y=, /M,. Substituting 
in the Raoult’s law equation for dilute solution (eqn. 13.4), we have, 
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Po—P _n, _w,/M, _w2My 


Po om, [My wM, 


So, if the relative lowering of vapour pressure is known for a 
solution containing a known weight of the solute in a given weight of 
the solvent, the molecular weight of the solute M, can be easily cal- 
culated from the above equation. This method of molecular weight 
determination is of rather limited use due to the experimental diffi- 
culties involved in the measurement. 


sae 13D 


The following table illustrates the molecular weight determina- 
tion of napthalene (mol. wt. 128) using benzene as the solvent by 
this method. 


Napthalene Benzene Mols. Vapour pres- Mol. wt 
Grams Grams Benzene sure in m.m. (calculated) 


0.0000 26.53 0.340 639.85 = 
0.7913 T 5 628.7 131.3 
1.3141 a 3 621.6 131.7 
1.8411 Ş k 614.5 131.3 
2.3446 $ A 607.4 129.2 
3.3453 594.3 128.5 


The student should note carefully from the derivation given in a previous section 
that M; in the above equation is not the molecular wcight of the liquid solvent but 
its molecular weight in the vapour state in equilibrium with the solution. So, even 
highly associated solvents like water, acetic acid, etc., might be employed in such 
determinations since their vapours are generally only little associated to affect 
the result perceptibly. 


Example 5. At 20°C the vapour pressure of ether is 442 mm. of mercury. When 6.1 
gms. of a substance are dissolved in 50 gms. of ether, the vapour pressure falls to 410 mm. Whas 
is the molecular weight of this substance? (mol. wt. of ether, 74). 


We have, Substituting these values in Raoult’s law (eqn. 13.5) 
Po =442 mm. Po—P _ ts ee have 
P=410 mm. Po ny 
_ w 6l 442—410 _6.1x74 U 
m= M a Mi, x50 or M,=124.4 
ae 50 A Pa—P S38 Po—P om 
m=, 4 If the more exact equation, PER Tint TET a SP 


(eqn. 13.1 or 13.3) is used, we get M,=115.4. 


ELEVATION OF BOILING POINT (Ebullioscopy) 


Theoretical—Since the vapour pressure of a solution is lower than that of the 
pure solvent, it follows that a solution will boil at a temperature higher than the 
boiling point of the pure solvent. 
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This point is more clearly brought forth by the vapour pressure diagram of the 
solution and the solvent (Fig. 72). The 
curves AB and DF represent the variation 
of the vapour pressure of the pure solvent 
and the solution respectively with tempera- 
ture ; DF runs lower than AB, in accordance 
with the fact that at any temperature, the 
vapour pressure of the solution is less than 
that of the solvent. Now by definition, 
oiling point is that temperature at which 
the vapour pressure of a liquid is equal to 
the external pressure. Let the external 
pressure be fo; then from the Figure, To 
and T are the boiling points of the solvent 
and the solution respectively. It is plainly 


Vapor Pressure 


scen from the figure that To is less than T. T. T 
So, a solution boils at a temperature higher Temperature” 
than that of the pure solvent and this fact Fig. 72—Principle of 


can be utilised for the determination of 
molecular weights of solutes. 


Raoult’s Law for the Elevation of Boiling Point—The first 
experimental investigations were made by Blagden (1788) and others, 
but later researches by Raoult (1871) and Beckmann (1886) have pro- 
duced a large amount of experimental data which may be embodied 
in the following two Jaws generally called Raoult’s law. 


B. P. elevation. 


Law 1. The clevation of boiling point ( AT,) of a solution is 
proportional to the concentration (molality) of the dissolved substance t.6. 


AT, «Cy, or AT, = KC, ote ee 136 


where Cm is molal concentration [vide P. 146, eqn. 11.16] and Ķ; is 
a constant, called molal elevation of boiling point. 


Law 2. quimolecular amount of different substances dissolved in the 
same quantity of a particular solvent raise the boiling point to the same extent. 


Like all other laws discussed in this chapter these laws are only 
valid for dilute solutions of non-electrolytes. 


Equation for Boiling Point Elevation—It is now necessary to 
formulate Raoult’s law algebraically. Let us have a solution, where 
wa gms. of solute are dissolved in w; gms. of solvent, the molecular 
weight of the solute being Mə. So, the number of moles of solute is 
w,/Mo. It is here customary to express the concentration as the number 
of moles of solute dissolved per 1000 gms. of solvent (molal concentra- 
tion). Since w; gms. of solvent contain w./M, moles of solute, 1000 gms. 


zi é 
of the solvent contain ~,—*— X 1000 moles of solute i.e. the concentra- 
M, X w 


tion, Cm = a If the elevation of boiling point be AT), we 
2 1 
have according to Raoult’s law, AT; = K,C,, (eqn. 13.6) 


_ g 2X 1000 
Ss ATs= & 2 XM, .. -. 13.7 
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where w,=gms. of Solute, 
w,=gms. of Solvent, 
M,=Molecular Weight of Solute 
and K, a constant for a given solvent and is called the molal eleva- 
tion of boiling point or molecular boiling point constant, or ebullioscopic 
constant. 

Molecular Boiling Point Constant—The physical significance 
of K, is easily derived by putting c=1 (or, w2=M, and w,=1000) in 
the above equation, when AT = Kə. So, the molal elevation of boil- 
ing point, Ky is the increase in boiling point of a solvent, when one mole of 
a solute is dissolved per 1000 gms. of the solvent. 
erest to know that Ky can be calculated theoretically from the 


It is of int 
thermodynamically deduced equation (P. 200), 
0.002T,? 
=— ae Fc we 13.8 


he solvent on the absolute scale and /, the latent heat 


where T is the boiling point oft 
of evaporation per gram. 
Morar B.P. ELEvATION (per 1000 gms. of solvent) 


Boiling Ky 
Solvent Point °G (calculated acc., 
to eqn. 13.8) 


—— 


Water 
Chloroform 
Benzene 
Ethyl alcohol 


Tt would be observed that K, is of the order of unity and the 
theoretically calculated values (according to equation 13.8) agree 
well with the observed values. 

Experimental Determination of Elevation of Boiling Point : 
Beckmann’s Method—The experiment is beset with the follcwing 
difficulties :— 

(a) Since the rise in boiling point is very small, the thermometer 
used should be sensitive enough to read a small fraction of a degice. 

(b) The liquid does not come rapidly in equilibrium with the 
vapour and so, there is considerable superheating unless sufficient 
precautions are taken to check it. ' 

Besides, the chance of superheating is much greater for the solu- 
tion since, to measure its boiling point the thermometer is to be 
put inside the solution and not in the vapour though usually the 
boiling point of any liquid is determined by placing the thermometer 
in the vapour of the liquid. The vapour coming out from the boil- 
ing solution is that of the pure solvent ard hence, the temperature 
recorded on the thermometer if placed in the vapour would be the 
condensing temperature of the vapour t.. the boiling point of the 


solvent. 
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Description of the apparatus—Since the original form of the Beck- 
mann apparatus is practically obsolete, a modern improved form 
Wy, of the same will be described. The main dif- 
G ference with the original apparatus is the 
employment of electric current instead of gas 
burners for heating ; this is more conveniently 
controlled and lessens the possibility of super- 
heating. The apparatus is shown diagram- 
matically in Fig. 73. This simply consists of 
two test tubes, one inside the other, both fitted. 
with reflux condensers to prevent the escape of 
vapour. The inner tube, which is the proper 
boiling tube, is fitted with a Beckmann ther- 
mometer and is provided with an electrical 
heating element, A. 


Experiment—In carrying out an experiment 
the inner test tube is filled with a measured. 
volume of the pure liquid sufficient to cover 
the thermometer bulb. A few small beads of 
platinum or glass are placed in the liquid to 
facilitate the formation of bubbles. The outer 
jacket is filled with some quantity of the pure 
solvent which is kept briskly boiling. A small 
current is sent through the heating coil, so 
adjusted as to keep the liquid just smoothly 
boiling. When everything becomes steady, the 
thermometer, which is directly graduated to one- 

Eig. ig Berkmann hundredth of a degree, is read. The apparatus 

paras is allowed to cool slightly, and a weighed 
quantity of the solute is then introduced through the side tube, and 
when it has completely dissolved, the boiling point is redetermined 
by the same method. The difference between the two readings on 
the thermometer gives the elevation of the boiling point (AT). A 
further quantity of the solute may again be introduced and a second 
read ng may be obtained in the same way. 

Cottrell’s Apparatus—Beckmann’s apparatus and a number of 
others similarly devised, suffered from serious defects for which boil- 
ing point methods could neither yield accurate result nor they became 
popular. The main defects of all such apparatus are that they cannot 
overcome superheating satisfactorily and seccndJy, owing to the in- 
creased hydrostatic pressure due to the thermometer bulb being 
immersed inside the liquid, the temperature indicated by the thermo- 
meter bulb may be even as much as 0.1°C above the true boiling 
point at atmospheric pressure- i, : ; 

The ingenious and novel boiling-point apparatus devised by- 
Cottrell is probably the most satisfactory unit for this purpose and 
since the apparatus was devised and perfected, boiling point method 
is being increasingly used for molecular weight determination due to 
its many inherent advantages, viz. choice of a wider range of 
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solvents, freedom from the messiness of freezing mixture, easier 
manipulation, higher solubility and ease of solution, etc. One dis- 
advantage however, is that boiling point is sensitive to slight changes 
of pressure and hence it should be made sure that during the experi- 
ment the barometer reading does not change . This 

amethod is nowadays extensively used. i 


_ The apparatus of Cottrell is shown 
in sketch in Fig. 74. Cottrell places 
the bulb of the thermometer in the gas 
phase above the solvent and employs 
a special ‘pumping device’, P which 
continually pumps the liquid up in 
such a way as to keep the bulb always 
covered with a thin film ofliquid. This 
‘pumping device’ is a creditable deve- 
lopment by Cottrell and is simply an 
inverted funnel branching at the top 
into three channels which just end on 
the thermometer bulb. As soon as heat- 
ing is started with a mico-buiner, the 
liquid goes up through P due to con- 
vection along with the bubbles of gas 
formed and discharges on the bulb and 
flows down. The temperature goes up 
and ultimately remains steady at the 


boiling point. A weighed amount of Fig. 74— 
solute is introduced through the side Cottrell’s 
tube and the reading repeated, the Apparatus 


difference of the two readings giving the elevation, of 
boiling point. The thermometer with the ‘pumping 
device’ is surrounded by a tube, S which protects 
them from coming in contact with the cool liquid 
flowing down from the condenser. 


Beckmann Thermometer—This thermometer was 
designed by Beckmann for measuring small difference of 
temperature at different points of the temperature scale, 
and so it is called a differential thermometer. The out- 
line of the thermometer is shown in Fig. 75. It consists 
of a large bulb connected to a very fine capillary tube, 
with a reservoir of mercury at the top. The long stem 
of the thermometer is divided into only 5 or 6 degrees 
and each degree is graduated into 100 divisions. To 
use this for the determination of boiling point eleva- 

“Fig. 75— tion, a quantity of mercury is made to overflow in the 
Berkana reservoir at the top and to be detached from the mer- 
Re cury tkread, so that when the thermometer registers the 
boiling point of the solvent, the mercury column 

appears somewhere lower down on the scale. This is 

»mecessary to keep the mercury column on the scale when measuring 
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the boiling point of the solution and this operation of adjusting the 
amount of mercury in the thermometer for each liquid is known 
as “Setting the Beckmann thermometer”. 

Molecular Weight from B. P. Elevation—By measuring the: 
boiling point elevation of a solution of known concentration, all 
quantities in equation 13.7, viz. 

wa X 1000 


AT =k XM, 


are known except Mg, the molecular weight of the solute, so, Mg can 
be calculated out. The constant K, for any liquid is known either 
by experimenting with a substance of known molecular weight, or 
can be calculated theoretically from eqn. 13.8 as already pointed out. 


Numerical Examples : 

Exampe 6. Beckmann found that 1.065 gms. of iodine dissolved in 30.14 gms. of ether 
raised its boiling point by 0.296°C. The molecular elevation contant for ether is 2.11°C. Cal- 
culate the molecular weight of iodine. 

Here AT=0.296 ; w.=1.065 ; w,=30.14 ; K,=2.11 
wa X 1000 
w XM, 


oe co WEE) 


Inserting these values in the eqn., AT=K, 


1.065 x 1000 
We have, 0.296=2.11 30.14x Mp or, M,=251.9 


i.e. Mol. wt. of iodine in ether is 251.9, 

Exampre 7. A solution containing 0.5042 gms. of a substance dissolved in 42.02 gms. 
of benzene boils at 80.175°C. Find the molecular weight of the solute, given that benzene 
boils at 80.0°G. and its latent heat of evaporation is 94 cal. per gm. 

Here Ky is to be first calculated out. 


_ 0,002T? _ 0.002 x (353)* L 2.65. 


Lape iss 94 
A é a. w2X 1000 
Using equation 13.7, AT=Ki7 XM 
0.5042 x 1000 


We have, 0.175=2.65 aoxm Mol, wt., M=181.9 


DEPRESSION OF FREEZING POINT (Cryoscopy) 


Theoretical— The fact that a solution has 
got a vapour pressure lower than that of the 
pure solvent is sufficient to prove that its freez- 
ing point will also be lower than that of the 
pure solvent. Let us consider the vapour pres- 
sure curve of the solution and that of the solvent ; 
the latter would run above the former, since 
the solvent has a higher vapour pressure at the 
Same temperature. 


VAPOUR PRESSURE 


Freezing point of a substance is defined as 
the temperature at which its solid form and its 


he 1 ist side by side; in other 
liquid form can exist side by at which they 


words, it is the temperature, Hates a 4 $ 
have the same vapour pressure 5 0, 

the KE with Aigher vapour pressure will TEMPERATURE 
completely disappear and will be converted into Fig. 76—Lowering of 
the state of lower vapour pressure, and an Freezing Point 


13 
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equilibrium between the solid and the liquid becomes impossible. Therefore, the 
‘freezing point may be defined as the temperature at which the vapour pressure curve 
of the liquid meets the vapour pressure curve of the solid. 


Evidently, the point O (Fig. 76) is the freezing point of the pure solvent as it 
is the point where the vapour pressure curve, BO of the solid solvent intersects the 
vapour pressure curve, OA of the liquid solvent. Similarly, the point, B corres- 
ponds to the freezing point of the solution, as it is the point where the vapour pressure 
curve, DC of the solution meets the vapour pressure curve, OB of the solid solvent. 
Clearly the temperature T (corresponding to the point, B) is lower than the 
‘temperature To (corresponding to the point, O) proving that the solution freezes at 
a temperature lower than that of the pure solvent (also vide P. 198). 


Raoult’s Laws on Freezing Point Depression—Blagden (1 788) 
was the first to carry out experiments in this field and he established 
a rough proportionality between the depression of freezing point 
and concentration. Raoult (1882-1884) carried out his work with 
extreme thoroughness and established all the now well-known facts 
concerning this phenomenon, which may be embodied in the follow- 
ing two laws, which are known as Raoult’s law for freezing point 
depression. 


Law 1. The depression of the Sreezing point of a solvent by a dissolved 
solute ts proportional to the concentration of the dissolved substance (AL Cm) 


Law 2. Equimolecular quantities of different solutes dissolved in the 


same quantity of a particular solvent, depress the Sreezing point to the same 
extent. 


Equation for Freezing Point Depressio: i 

b t n—Since these la 
are identically the same as those of the boiling point elevation the 
equation is also the same. If the depression of freezing point be 
AT, for solution of concentration, Cm we have, 

AT « Cn or, ATy= Ky Cn on ea 13.10 

where Ky is a constant called molar depression of freezi i 

f t zing po = 
copic constant. It is coustomary to sf O 


¢ ; express the concentration 

in the above equation as the number of moles of solute deaa 

in 1000 gms. of the solvent (i.e. molality). If there are Present w. 
1 


gms. of solute of molecular weight, M. dissolved i 

vent, the number of moles of solute is wM, and S eaten ae 

moles of solute dissolved per 1000 gms. of the solvent i.e. molal cake 
w X 1000 


w,XM, (vide P. 146). Substituting this value 
of Cm in the above equation, we have 


centration, Cm is 


— p W:X1000 
AU N J N 
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where w,=gms. of solute, 
w ,=gms. of solvent 
M,=mol. wt of solute and 
K,=molal F. P. constant. 


Mo rar Depression or F. P.(per 1000 gms. of solvent) 


5 K (calculated 
Solvent K (observed) | acc. to eqn. 13.12) 


Water ` 1.86 
Benzene h 5.07 
Acetic Acid $ 3.82 
Phenol i; 5.05 
Formic Acid K — 
Camphor i -= 


It has been thermodynamically proved (P. 198) that the F.P. constant, Ky for 
any solvent can be theoretically calculated from the latent heat of fusion per gram, 
L and the freezing point of the solvent, T (in absolute scale) by the following 


formula— 
__0.002T? 
a o 

The values of K, for some of the com- 
mon solvents are given in the foregoing 
table. Itis to be noted that these values are 
different from the molar elevation of boiling 
point K, and usually are of the order of unity 
(i.e. between 1 and 10). 

Experimental Determination of the 
Depression of Freezing Point: Beck- 
mann’s Method.—A very simple form of 
apparatus designed by Beckmann, is widely 
used for the determination of the freezing point 
depression, as it affords a considerable degree 
of accuracy (Fig. 77). It consists essentially of 
a test tube provided with a side tube for the 
introduction of the solid and fitted wth a 
rubber cork through which passes a stirrer 
and a Beckmann Thermometer (for details of 
the thermometer, see P. 192). The whole is 
suspended in another large test tube wide 
enough to provide sufficient air space between 
them, and the latter in its turn is suspended 
in a large beaker. 

To carry out a determinatior, the freez- 
ing tube is filled with a definite weight of the 
liquid (solvent), sufficient to dip the thermo- Fig: 77 Beckmann's 
meter bulb. ‘The outer beaker is filled with F. P. Apparatus 
a freezing mixture whose temperature is 
alightly (about 5°C) below the freezing point of the pure solvent. The 


Ky 
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space between the two test tubes serves as an air mantle, preventing 
direct heat conduction and consequent supercooling. The quantity 
of mercury in the thermometer is adjusted beforehand so as to get the 
F. P. of the pure solvent somewhere towards the upper part of the 
scale (this is called Setting the thermometer; see P. 193). 


The temperature gradually falls until the liquid supercools slightly 
below the true freezing point, when vigorous stirring is made to 
start solidification. As solidification starts the mercury column 
shoots up and then remains steady on the thermometer which is 
read and taken as the F. P.. Now a weighed quantity of the solute in 
the form of a pill is introduced in the test tube through the side tube 
and allowed to dissolve in the liquid. The test tube is then placed 
back in its former position after wiping off any dew which may have 
deposited. The freezing peint of tke solution is now determined 
in the same way, avoiding supercooJing as much as possible. The 
difference in the two readings gives the depression of the freezing 
point (AT). 


The freezing point method gives very reliable result, is easy to 
manipulate experimentally and requires no complicated and costly 
apparatus. So, it has become the most widely used ofall methods. 
of determination of molecular weight. The method has been 


recently improved upon so much so, that it has become a precision. 
measurement, 


Rast’s Camphor Method—Rast (1922) has developed a simple 
and elegant method of molecular weight determination, which is 
merely a modification of the freezing point method, such that an 
ordinary thermometer may be used in place of the very expensive‘ 
Beckmann thermometer. This has been made possible by the dis- 
covery of a number of compounds, whose molar depression, Ky is. 
unusually high (vide following Table). The table shows that one 
mole of any compound dissolved in 1000 gms. of camphor, the more 
usual solvent by this method owing to its extensive solvent power, 
depresses the F. P. by 40°C. Thus, to determine the molecular 
weight of say, urea by this method, if we make a 2% solution of it 
in camphor, the depression of F. P. will be 13.3°C, a range easily 
measureable with accuracy with an ordinary thermometer. Such un- 
usually high values of Ky are due toa comparatively high value of T 


(melting point) and low value for J, the latent heat of fusion per 
gram (ude eqn. 13.12). 


All these “solvents” 


Oe are solids at ordinary temperature and so, 
it is only necessary to 


determine separately by the usual capil 
method the melting point of h and that of a meee ra 
unknown substance with camphor. A mixture containing known 
Weights of the unknown compound and camphor, the more common 
solvent” in this method, is melted together to form a homogeneous 
‘solution. The mixture is cooled and a small quantity is introduced 
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inside a capillary which is then sealed. The capillary is heated in a 
sulphuric acid bath and the temperature (read on a thermometer 
graduated to one-tenth of a degree) at which the solid melts to a clear 
liquid is noted. Similarly, the melting point of the pure solid (cam- 
phor) is determined and by application of the usual equation for 
F. P. depression the molecular weight is calculated. 


“Sorvents” FOR Rast’s METHOD 


Solvent Melting point Molar Depression Ky 


Water 0a 1.86 


CAMPHOR 178°C 40.0 


Camphor quinone 199°G. 45.7 
Borneol 204°G 35.8 


Hexachlorethane 187°G 47.7 
Camphene 49°C 31.1 
Tetrabrommethane 93°C 86.7 


f 

This method is advantageous over the other methods in requiring 
a very small quantity of the substance, but the fundamental condi- 
tions of cryoscopy must be fulfilled ; the solute should be truly and 
fully soluble in the solvent, and they should not be isomorphous so 
that the pure solvent may separate during freezing. If the substance 
does not dissolve well in camphor, the hydrocarbon camphene or the 
other solvents shown in the table may sometimes be profitably used. 

Exampre 8. 10.4 mg. of a substance added to 0.5 gms. of camphor (M. P. :—178°C) 
melts at 169.7°C ; calculate its molecular weight. 

Here, AT=178—169.7=8.3°G. 

wa X 1000 40 x0.0104 x 100 

<. M=Ky wx AT , 050x83 — 109 


Molecular Weight from F. P. Depression—The freezing point 
depression of a solution is utilis¢d for the calculation of the mole- 
cular weight of the solute. If a known weight of the solute is dis- 
solved in a definite quantity of a solvent and the depression of F. P. 
is measured, then all the quantities in the equation, 


“s pr RNR 


are known except Ma and so the molecular weight M, of the solute 
can be calculated from the above equation. K is, of course, known 
either by experiment with a solute of known molecular weight or 
from the theoretically deduced equation, 
0.002T? 

L 


where T=F.P. in absolute scale and l=latent heat of fusion per gm. 


ut that all authors do not follow the same conven- 


N.B. It should be pointed o ithor 
tion as to the value of A and Ky. Some define it with reference to 100 gms. ofsolvent, 
whereas some others definite it ‘yith relation to 1 gram of the solvent, i.e. according 


to these conventions 


«oe 13.14 


f= 
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p w2100 
ATK, wi XM 
Of course, the value of Ky then becomes respectively 10 times and 1000 times greater 


than our values, i.e., Ky for water becomes 18.5 and 1850 respectively. 


2X1 . 
and AT=Ky aN respectively. 


F. P. Depression by Isotopes—The question arises what hap- 
pens to the F.P. (or B.P.) of say, ordinary water if a little ‘heavy 
water’, D,O is added to it. The answer is that there will be only a 
slight change in F.P. ,but cur foregoing equations will not be appli- 
cable here. The reason for their non-applicability is that the ice 
(or vapour) which would now separate would contain the added 
solute (‘heavy water’) in the same proportion as in the liquid water 
with which it is now in equilibrium. In fact, the new water mixture 
would behave asa pure liquid with respect to almost all physical 
and chemical preperties. 


EXAMPLE 9. A sample of pure prismatic sulphur melted initially at 119.25°C, but in 
course of a few minutes the melting point fell to 114.3°C. When the sulphur had completely melted 
at this temp. the liquid sulphur was plunged into iced water 3 3.6 per cent of the resultant solid 
Paes was then found to be insoluble in CSa. Derive the molecular Sormula of that type of 

lphur which is insoluble in GS}. The latent heat of fusion is 9 cals. per gm. 


For liquid sulphur, the molar depression, K z is given by 
2 2 
jg lee 9.002 x (sozu LE 


Let us call the allotrope of sulphur which is insolúble in CS2, Sm. In the above 
experiment this S,, is formed and depresses the freezing point of liquid sulphur. 
Given, w=3.6 ; w,=100—3.6=96.4 ; AT=119.25—114.3=4.95 
wa X 1000 


Inserting in the equation, AT=Ky Wie 
1 


3.6 x 1000 

96.4xM 

or, Mol. wt. of S,,, M=258. 

This corresponds to a molecular formula, Sa (average value). 


we have, 4.95=34.18x 


Thermodynamic Derivation of the F. P. Depression (or the 
B. P. elevation) Equation—The underlying physical concept is very 
simple and has been already discussed on P. 188 and P. 192 respec- 
tively. Referring to Fig. 76, we can consider without much error the 
vapour pressure curves OB (of the solid) and CB (of tke solution) 
over the small temperature interval] To—T (= AT) to be straight lines, 
Now, our aim is to calculate AT in terms of conc. of the solute. This 
is easily done in two steps, viz. by obtaining AT in terms of AP (the 
lowering of vapour pressure) with the help of Clapeyron equation 
followed by eliminating AP by conc. with the help of Raoult’s law in 
order to introduce concentration. This is worked out in details below. 


Applying Clapeyron equation to OD the vapour pressure curve 
gee solid solvent, and writing A for d for such short intervals, we 
e 


a AR O 


BE AT BD “TyV,-V) 7 w (a) 
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where Ls is the the molar heat of sublimation (=H,—H,) and 
V’s are the molar volumes (the subscripts £ stands for gas, s for solid 
l (see below) for liquid). Similarly, since CB is the vapour pressure 
curve of the solution, we have 

dP AP CDE Leaporisation (6) 

dv AT BDy LoVe) ig 
where Leap. is the molar heat of vaporisation (=H, —H)). Substract- 
ing (b) from (a) after neglecting V, and Vin comparison to Vg, 
we get 


Op—cD _OG Law —Lrap: H-H _ Lyusion 
BD BD TN TeV; UNA 
Now OC = Lowering of vapour pressure = Po — P ; BD = AT; 
and V, = RT)/Po ; and so we get 
P,—P L LP ; 
AT = TV,” Rpa L = Molar heat of fusion) .. (6) 
y _ Po—P RT 
hy YES P, x cle TARG) 
But according to Raoult’s law (P. 183) (Po—P)/Pois equal to the mole 
fraction of the solute, ¥3- 


a 

s AT=% wy nO no Wek) 
i.e. for dilute solutions, the F.P. depressicn is directly proportional to 
the relative lowering of vapour pressure, Or to the mole fraction of the 
solute. Mole fraction can be easily converted to molality by using 
the equation, mole fraction, *.=Cm:- M,/1000 for dilute solution, 
where Cm is the molal concentration, and so we get 


T RT? 
AT = Cn 7900 L/M, 
Putting R = 2 cals and J = L/M,=TIatent heat per gram, we have 
2 
wae 13.16 


which is the same as equations 13.10, 13.11 and 13.12, and so we have 


thus thermodynamically derived the equation for F.P depression, 


The deduction of B. P. elevation is much simpler because we 
get the vapour pressure lowering BE (Fig. 72) in a single step by 
applying Clapeyron equation on the vapour pressure curve FE, te: 
we obtain the analogue of eqn. (c) directly. Of course L would be 
here the molar latent heat of vaporarisation. The rest of the proof 


is exactly the same. 


List of Methods for Molecular Weight Determination—So far we have 
studied various method: for the determination of molecular weight, which are listed 


below for ready reference : 
‘apour Density Mcthod :—(a) Hofmann’s method, (b) Dumas’ method, (c) 


0) V : 
Reganault’s method, (d) Victor Meyer's method. 
(2) Osmotic Pressure Method. 


2 
ATEOA Cm=KyCm where Ky= 
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(3) Lowering of Vapour Pressure :— Tensimeter method. (b) Robinson’s Isopiestic 
method. and (c) Gas saturation method. 

(4) Elevation of Boiling Point :—(a) Beckmann’s apparatus. (b) Cottrell’s apparatus. 

(5) Lowering of Freezing Point :—(a) Beckmann’s apparatus. (b) Rast’s 
mete Other Methods :—(a) Surface tension (b) Steam distillation. (c) Specific Vis- 
cosity method of Staudinger. (d)  Ultracentrifuge method of Svedberg, etc. 

Method 1 (d) is extensively used for vapours or easily vaporisable substances 
and methods 4 (b) and (5) for substances in solution. —- 


ABNORMALITY IN SOLUTION 


Ideal and Non-ideal Solutions—It is clear that since all the 
laws of dilute solutions so far discussed can be deduced from Raoult’s 
law, they would be valid provided the solution obeys Raoult’s law. 
Hence, the validity of Raout’s law is generally held as a criterion of 
‘the ideality of a solution. 


Now, according to Raoult’s law (equation 13.2) if we plot P, the 
partial pressure of the solvent against x,, its mole-fraction, a straight 
line would be obtained, as shown graphically in Fig. 78, Curve A. 


C (Fig. 78). This is the reason why all solutions are said to approach 
ideality at sufficiently high dilution. Systems which show higher 
than ideal vapour pressure (Curve B) are said to show positive devia- 
tion, whereas vapour pressures lower than the ideal value (Curve 
C) constitute negative deviation from Raoult’s law, and both these 


Evidently, positive devia- 
tion also implies lower than 
theoretical values for all col- 

PeR Xo @) ligative Properties. From a 
; molecular picture, positive 

deviation is caused when the 
B solvent dislikes the solute and 
tends to throw it off and so, 

A such deviations are often 
accompanied by a negative 
heat of solution (cooling) 
and expansion on h 
On the contrary negative devia- 

9 MOLFRACTION OF SOLVENT puhi tion is caused by SIOE in- 
SOLVENT teraction between the sol- 

Fig. 78—Raoult’s Law and its Deviations vent and the solute, and 
such systems often show 


PARTIAL PRESSURE SOLVENT, P 
sU 


ere eae xing and contraction on dissolution. In some 
ever, the cause cf such abnormal behaviour can be trace 
more definitely. 2 


nons » and they are discussed more fully in the following 
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A (a) Association in Solution—Some systems show strong posi- 
tive deviatior from Raoult’s law owing to association in solution. 
This group comprises substances like acetic acid, phenol, etc., benzene 
solutions of which show values of osmotic pressure and related pro- 
perties much lower than what are to be expected from the foregoing 
equations. Since all the above properties are colligative in nature, 
i.e., depend on the total number of units in solution, these abnor- 
mally small values for osmotic pressure, F.P. depression, etc., indi- 
cate that the number of particles in solution is much smaller than 
what is to be anticipated if the solute is broken down into single 
molecules. So, this type of abnormal values is to be accounted for 
as due to the association of solute molecules to form aggregates of 
higher molecular weight. 


Mot. Wr. or Acetic ACD IN BENZENE 


Molal Conc. Depression Calculated Degree of 
of Acetic acid of F. P. (C°) Mal. Wt. Association 
0.0033M 0.0156 65.8 1.09 
0.0149 0.0539 84.6 1.41 
0.0967 0.253 117.0 1.95 
0.237 0.608 119.6 1.99 
0.509 1.254 114.5 2.07 
1.024 2.410 130.2 2.17 
1.626 3.644 133.3 2.22 


This is evident from the table where it will be found that for 
acetic acid from deci-normal concentration upwards the calculated 
molecular weight is about twice its chemical formula (mol. wt. 60) 
proving that it exists mainly as double molecules in benzene solution. 

There is another type of association where the degree of associa- 
tion does not tend to reach a constant value as above but increases 
with increasing concentration of the solute. This is illustrated in 
the accompanying table by a rather unusual case of molecular weight 
determination by the freezing point method of ethyl alcohol dissolved 
in benzene. We are not sure, however, if such results are due solely 
to association, or are also contributed by positive deviation arising 
from wide chemical dissimilarity between the solute and the solvent. 
Hence, attempt should always be made in crysocopic experiments to 
choose a solvent which is as near as possible in chemical nature to 
the solute to minimise the chance of such deviations. 


Mou. Wr. or ETHYL ALCOHOL IN BENXENE 


Molecular weight 


F Concentration (Calculated from F. P: Degree of 
(gm. mol. per litre) depression) Association 
0.10 50 1.09 
025 { 62 1,35 
0.50 92 1.78 
_ 1.00 115 2.50 
~ 2:00. 162 3.52 


3.00 4.30 
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Benzene, carbon tetrachloride, etc., are sometimes called GSS0- 
ciating solvents, whereas water, acetic acid, etc. are called dissociating 
solvents; for, in the former class, compounds particularly those con- 
taining the hydroxyl and the cyanogen groups are present in the 
associated state. It is extremely doubtful whether associating solvents 
do really exert any associating effect, and most probably, associated 
substances exist in the free condition as complex molecules. 


(6) Dissocation in Solution—There is another class of sub- 
tances viz. the electrolytes, whose osmotic pressures are much greater 
than what are expected from the van’t Hoff equation, 7V=nRT. 
These solutions also show an abnormally high freezing point depres- 
sion, lowering of vapour pressure, etc. Van’t Hof during the earlier 
period of the advancement of his theory of solution could not satis- 
factorily account for this anomaly and had to contend himself with 
putting an empirical factor ‘i? in the general equation for osmotic 
Pressure. The equation then assumes the form, 


Tots. V =inRT .. eo 13.17 


where Tops. is the observed osmotic pressure and, ¿ an empirical multi- 
plier introduced by van’t Hoff and so, is called van’t Hoff’s factor. 


If the theoretical osmotic Pressure be ~eor, then we have 
from eqn. 12.1, 


Theor V=nRT ~, je Zot mon EYR 
Ttheor- 
i.e., ‘t’ is the ratio of the actual osmotic Pressure to the theoretical 
osmotic pressure, assuming no dissociation. Since osmotic pressure is 
proportional to freezing point depression, equation 13.18 may also be 
written in the form, 


(AT) abs. 
(AT) ieo. . .. 13.19 


and this equation is more in use for determining i because of the 
comparative ease of experimental determination of AT. The values 
of i for some solutions are given in the following Table, where it may 
be noted that has a value less than 2 for salts of the type NaCl and 
less than three for salts like K, (SO,). 


van’t Hoff’s factor, i= 


VALUES OF VAN’T Horr’s FACTOR ‘ 


Concentration KCl Mg(SO,) K,(SO,) 
en eT 
0.5 1.80 1.084 2.31 
0.1 1.86 1.324 2450 
0.05 1.885 1.420 2.570 
0.01 1.943 1.618 2.798 
0.005 1.963 1.694 2.857 
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Arrhenius pointed out that these solutions which exhibit 
abnormally high osmotic pressure, freezing point depression, etc. are 
all electrolytes and conduct current in solution. He propounded that 
a certain fraction of these substances is reversibly broken down into 
ions in solution, as a result of which the total number of units present 
in the solution increases. The values of all colligative properties 
e.g. osmotic pressure, F. P. depression, etc., which are proportional 
to the total number of units present, therefcre, are higher in such 
solutions than that expected for non-electrolytes. 


Degree of Dissociation—Arrhenius not only postulated an 
equilibrium between the ions and the nonionised molecules but also 
proceeded to calculate the degree of dissociation, a i.e. the fraction 
ionised, of strong electrolytes. His method of calculation was as 
follows. If one molecule breaks down into two ions we should have 
(l—a)+a+a=1-+<a units in solution from one original unionised 
molecule. Since osmotic pressure, F.P. depression ( AT), etc., are 
proportional to the number of units in solution, we have, 

j— Pow _ _AToe 149 . 13.20 

Pineore AT theor: 

where the subscript, theor, signifies the corresponding values assum- 
ing no dissociation. For the general case of one molecule dissociating 


into v ions, we should have 


i=l14+(v—l)a or a=} “ig S2] 
which is the general equation for a. Calculations of degree of dis- 
sociation of strong electrolytes were freely made with the help of the 
above equations during the first quarter of the present century, but 
such calculations are now of historic interest only. We now know 
that strong electrolytes are completely ionised at all dilutions and no modern 
chemist would now indulge in such meaningless calculations. 


Osmotic Coefficient, g—Though salts are completely ionised in 
solution, the osmotic properties are somewhat less than that expected 
from complete dissociation. The cause of this shortfall is the strong 
interionic attraction between oppositely charged ions. This departure 
of strong electrolytes from simple theoretical behaviour is also express- 
ed nowadays by using a factor g, called osmotic coefficient, which is 
defined as the ratio of the observed osmotic pressure 10 ihe theoretical 
osmotic pressure assuming complete ionisation of the electrolyte. 

?. i T 
*, Osmotic coefficient, ae 


where v is the number of ions formed by the dissociaticn of one 


molecule of the electrolyte. 


Activity Coefficient, y—The 
method of quantitatively expressing 
from ideal solution law is the use © 
solution at a finite concentration behaves, 


most widely used and modern 
the departure of strong elect: olytes 
f activity cocflicient. Any ion in 
if viewed fiom ideal solution 
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law, as if it has an effective concentration different from its actual 
‘concentration, In other words its effective concentration is not the 
same as its actual concentration. The effective concentration of any 
ton is called its ion activity. The activity cf an ion varies with the con 
centration of the ion and is usually so defined that the activity of 
any ion becomes equal to its concentration at infinite dilution. 

The ratio of the activity of ar ion to its actual concentratior is 
called the activity coefficient of the ion at the given concentraticn. For 
example, a decinormal sodium chloride solution should behave, if 
there is no interionic attraction, as a N/10 solution of Nation as also 
of CI- ion, However, in all its colligative 

0 per cent as effective as it should. So th 
the Na+ and CI ions in this solution is 0.8 
which the ion concentration is to be multiplie 
i.e. effective concentration, is called the act 


fficient y is not necessarily less than unity 
and may exceed unity at sufficiently high concentrations, 


Exampre 10. Calculate the osmotic Pressure of an aqueous solution at 27°C whose 
F. P. is —0,326°C. 


Combining equations.13.4 and 13.5 and noting that molar volume=M,/p we have 
Po=P_ Myr _ ne, put 72 22M: _ Mı /w2 1000 
F RTN a M 1000 uxM, ) 
But the bracketed expression, according to equation 13.7 is AT/Ky 
< Ma M AT ATpRT 
-1 SRI T000 TE or 7= 100x Ky Bay ave sae, wD 22 


This is the relation between osmotic pressure and 


tion). Since p is in gms/cc. R in the above expressi 
equation becomes (R in litre-atmos) ; 


n= ATRT 


F.P. depression (or B.P. eleva- 
on is in c.c. atmosphere ; the 


ob cos se 13.23 


J: 
w= Oiee OKO e2 


EXERCISES 


Vapour Pressure Lower ing 


1. Derive the relationship between the osmotic pressure and the lowering of 
vapour pressure of a solution, 


2. How is the vapi 


mm. at the same temperature. Calculate 
[113.8 (exact eqn.); 112.7] 


ABNORMALITY IN SOLUTION 205 


3. The vapour pressure of pure benzene at 88°C is 957 mm. and that of toluene 
at the same temperature 1s 379.5 mm. Calculate the composition of benzene-toluene 
mixture boiling at 88°C. [Mole fraction of benzene=0.6589] 


_ „4. The vapour pressure of an aqueous solution of cane sugar (mol. wt. : —342) 
is 756 mm. at 100°C. How many gms. of the sugar are present per 1000 gms. of 
water? [100.4 gms.] 

5. Pure benzene and GS, have vapour pressure of P, and P, mm. respectively 
at 30°C. Calculate what ratio of weights of napthalene are to be dissolved in equal 
weights of these solvents each, so that the vapour pressures of the two solutions are 
equal to a given value, P. How will this ratio change if we use anthracene in place 
ofnapthalene? (Assume Raoult’s law (dil. soln) and non-volatility of the solute). 

6. What change would be needed in the statement of Raoult’s law for an ideal 
solution (i) when the solvent js non-volatile and the solute is volatile, and (ii) when 
both the solute and the solvent are volatile? 

[() PA=Pa°xa, Pp=Pp%ss, P=PA+Ps] 

7. A 5% by weight of cane sugar solution has a vapour pressure of water equal 
to 23.69 mm. of mercury at 25°C. ‘Are we justified to express the same fact by saying 
that the solubility of water in cane sugar under a pressure of 23.69 mm. at 25°C is 
95% by weight of water ? Discuss fully. 

8. Pure and dry nitrogen gas is slowly bubbled through a solution of 2.25 gms. 
ofa non-volatile organic compound in 150 gms. of benzene, and then bubbled through 
pure benzene. The solution is found to be 2.1540 gms. lighter while the pure benzene 
suffered a loss in weight of 0.0160 gm. Calculate the molecular weight of the dissolved 
substance. [157.7] 

9, Calculate the vapour pressure of a 5 per cent solution of water in glycerol 
at 100°G assuming Raoult’s law to be valid and neglecting the vapour pressure of 
glycerol (Mol. wt., 92.1). [161.2 mm.] 


F. P. Depression and B. P. Elevation 


10. Explain clearly the principle underlying the determination of the mole- 
cular weight ofa non-volatile solute in aqueous solution by the boiling point method, 
Describe the apparatus used in this method, and indicate the precautions to be taken 
to ensure accuracy in measurement. What will happen to F. P. if the solute is soluble 
in ice and not at all in water? 

11. Ifthe vapour pressure of a solution is lower than that of the pure solvent 
prove that the freezing point and boiling point of such a solution will be respectively 
lower and higher than that of the pure solvent. 

12, A 0.5 per cent solution of hydrogen peroxide in water freezes at —0.272°C. 
Determine the formula for hydrogen peroxide. Empirical formula for hydrogen pero- 
xide is HO. Freezing point constant for water=1.85. [H,0;. 

13. A solution containing 0.5042 gm. of a non-volatile solute dissolved in 42.02 
gms. of benzene boils at 80.38°C. Find the molecular weight of the solute given that 
the boiling point of benzene 1s 80.2°G and its latent heat of evaporation is 94 calories 
per gram. [176.7] 


14. A solution of 0.4 gm. of a compound, A in 200 gms. of acetic acid freezes 
at 16.4°G, the pure acid freezing at 16.5°C ; 100 gms. of the same specimen cf acetic 
acid containing 2.23 gms. of another compound, B freezes at 15.6°C. If the vapour 
density of A is 37, find the molecular weight of B. 91.7] 


15. Write notes on Raoult’s law. A solution of 0.213 gms. of sodium in 100 
gms. mercury lowered the freezing point of mercury by 3.384°C. Determine the 
number of atoms in a molecule of sodium. (Atomic weight of sodium=23 ; Aa 
constant of mercury =42.5). [M=26.7 ; approx. Na] 


16. Give a brief account of the methods tbat are usvally employed to deter- 
mine the molecular weight of a substance in solution. 15 gms. of a substance dis- 
solved in 150 gms. of water produced a depression of 1.2°G in the fering point. 
Calculate the molecular weight of the substance ; Ky for water (100 gms.) is 1 ae 
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17. Explain what is meant by :—(a) Freezing point constant of a solvent. 
(b) Beckmann’s thermometer is a differential thermometer. 


18. Give an account of Arrhenius’ theory of electrolytic dissociation and show how 


it explains the abnormal osmotic pressure observed in the case of electrolytes. 
19. The F. P. of a blood serum is — 0.281°C. Calculate its osmotic pressure 
in cm. of mercury at 27°C. K=1.85. (Use egn. 13.23) [284 cm] 
20. Give a brief account of the Principal methods employed for det 
the molecular weight of a substance i 
and limitations, 


21. What is meant by degree of dissociation of an electrolyte, and how is it deter- 
mined? What is van’t Hoff’s factor? 


22. The heat of vaporisation of chloroform is 693 calories and its boiling point 
is 61°C. 3 gms. of camphor added to 25.2 gms. of chloroform raised the boiling 
point of the solvent by 0.299°C. Calculate the molar elevation of B. P, of chloro- 
form and also the molecular weight of camphor. [0.32 ; 128.1] 


23. The latent heat of fusion of water is 80 cals. and latent heat of evaporation 
is 536 calories per gram. If the boiling Point of an aqucous solution is 100.1°C, 
what is its freezing point? [—0.359°C] 

24. The osmotic Pressure of a cane sugar solution is 5 atmos, at 50°C. Calculate 
its freezing point supposing the solution to be dilute. Latent heat of fusion of ice 
is 80 calories per gram. 


[—0.352°C] 
25. A molten magnesium silver alloy containing 10% by wt. of silver, starts 
solidification when allowed to cool at 630°C with separation of pure magnesium. 
which latter in the pure state melts at 649°C. Calculate the heat of fusion of mag- 
nesium, [2240 cals. per gm. atom] 


ermining 
n solution and discuss their relative merits and 


27. On venturing out in a car in a snowy region, what should be a better choice 
to be added to the water in the car radiator as an antifreeze on an equal weight basis, 
alcohol, glycol or glycerine? Discuss fully giving reasons for the choice. 

28. What differences would there be if the same B. P, elevation experiment 
is conducted in Delhi and on the top of Mt. Everest? 


29. Heavy water boils at 101.42°C and its molar elevation of boiling point is 


ten per cent higher than ordinary water. How does its latent heat compare with 
that of ordinary water? 


30. Ifa solution and a solvent be kept in a closed space separated by an air 
gap, the solvent passes to the solution i 


solute. The result of interposing a semipermeable membrane as in osmosis is also 
exactlythesame. Are we justified in calling the ‘air gap’, a semipermeable membrane 
and can we use such an ‘air gap’ in Principle to obtain accurate Osmotic pressure 
values? 


31. The transition temperature between say rhombic and monoclinic sulphur 
changes when an impurity soluble in sulphur is present. Will this change be governed 
by the freezing point depression equations (13.10), (13.11) and (13.12) ; discuss 
all the necessary conditions. ? 


CHAPTER XIV 
HOMOGENEOUS EQUILIBRIUM 


Introduction: “How far” and “Hew fast’—In connection 
with any chemical reaction two kinds of information are of vital im- 
portance, viz., “how far a reaction would go” and “how fast will it 
reach the goal”. In this chapter we shall study the answer to the first 
question while the second question which belongs to ike province of 
reaction kinetics will be treated in a later scction (Part IV). 


In the early days of chemistry chemical union between atoms 
was ascribed to some kind of vaguely understood forces called chemi- 
cal affinity, the atoms of stronger affinity being supposed to be able to 
displace from a compound the atoms of weaker affinity. ‘This idea 
that chemical affinity or reactivity is solely a property of the atom 
could not hold long as it came to be slowly realised that not only 
the chemical nature but also the mass or concentration of a substance 
has an important influence on the course of a chemical reaction. 


Berthollet, the scientific adviser to Napoleon, in 1799 clearly 
recognised the fact that the vast deposits ‘of sodium carbonate in 
Egypt (called ‘trona’) were formed by the interaction of the common 
salt present in sea water on the limestone present in the rocks, accord- 
ing to the equation, 


2NaCl-+CaCO, = Na,CO,+CaCl, 


though when conducted in the laboratory this reaction goes the reverse 
way, leading to the precipitation of CaCOsg, according to the equation, 
CaCl,--NayCO,;=2NaCl+ CaCO, (ppt). Berthollet explained this 
by saying that the large mass of sodium chloride present in sea water more 
than compensates for its weak chemical affinity and drives the reaction in 


opposite direction. 


Reversibility of Reactions—It became thus gradually apprecia- 
ted that most reactions are reversible and can proceed both ways, and 
they reach a position of equilibrium depending on the relative masses 
of the different constituenis and on the external physica] conditions, 
The effect of relative masses of the reactants on the position of 
equilibrium was first systematically studied by Berthelot and Pean 
de St. Gilles in 1862 whose results very clearly demonstrated the effect 
of mass and paved the way for the law which was to come two years 
later and to be regarded as the greatest and the most fundamental 
Jaw of physical chemistry. They showed that if one mole of acetic 
acid is reacted with increasing amounts of alcohol, the percentage of 
acid converted into ester according to the equation, 


CH,COOH+C,H,OH2CH,COOC;H,+H,0 


also increases as shown in the following table complied from their 
data, thus clearly showing the effect of mass on the course of a chemi- 


cal reaction. 
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eee 


Equivalent of i Equivalents of 

eaialechol Ester formed. alcohol | Ester formed 

ber equiv. acid (per cent) per equiv. acid (per cent) 
0.2 19.3 2.0 82.8 
0.6 | 42.3 4.0 88.2 
1.0 | 66.5 12.0 93.2 
1.5 H 77.9 50.0 almost 100.0 


Law of Mass Action—The credit of first enunciating the law 
regarding the influence of the relative masses of the reacting substances 
is usually attributed to two Norwegian chemists, Guldberg and Waage, 
who in the year 1864 stated the law of mass action as follows— T'he 
velocity of any chemical reaction at any instant at a given temperature is pro- 
portional to the ACTIVE MASS at that instant of each of the reactants 
present in the system; the active mass in a homogencous system is defined as 
the number of gram molecules of the substance present per unit volume i.e. the 
molar concentration. The consequence of this Jaw is far-reaching in 
physical chemistry and a direct application to homogeneous equilibria 
is formulated below. 

Mathematical Formulation of the Law of Mass Action—To 
apply the law to specific cases it is necessary to formulate the law 
mathematically. Let us take a simple case of a reversible reaction 
represented by the equation— 

A+B 2 C+D 

An actual reaction of this type is the esterification of alcohol 

according to the equation, 
C,H,OH-+CH,COOH = CH,COOC,H,-+-H,0. 

Let us start with A and B only at the beginning without any C and 
D. The initial speed is proportional to the concentration of A and 
to the concentration of B and therefore, proportional to the product 
of their concentrations. As the reaction proceeds the speed of the 
direct reaction (A+B—C+D) gradually decreases, since the 
amounts of A and B go on decreasing owing to their gradual conver- 
sion into C and D. But as soon as some quantities of C and D accu- 
mulate in the system, the back reaction (C-++D-—A-+B) sets in, and 
as more and more quantities of C and D accumulate in the system the 
speed of the back reaction gradually increases. So, the speed of the 
direct reaction decreases, while the speed of the reverse reaction 
gradually increases, and ultimately a condition is reached when the Speed 
of the forward reaction becomes equal to the speed of the backward reaction. 
The system has then reached equilibrium and no further change 
of concentration will take place. Such a condition is called a state 
of DYNAMIC EQUILIBRIUM or BALANCED STATE. The 
condition of the system does not apparently change not because all 
reactions have stopped, but because as many molecules decompose in 
@ given time as are formed by the reverse reaction. 

Let [A], [B], [C] and [D] be the molar concentrations of 


A, B, C and D respectively in general and let [A]e, [B]e, [C]e and 
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[D]e represent the molar concentrations of the quae, A, B, G 
and D respectively when equilibrium has been fully reached. 
Then, the speed of the forward or direct reaction in general 

oc [A] x [B] 

=k, x [A] x [B] 
where k, is the velocity constant of the direct reaction; and 
the speed of the reverse reaction in general 

œ [C]x[D] 

=k,x[C]x[D] 
where kp is the velocity constant of the reverse reaction. At equili- 
brium, speed of the forward reaction=speed of the backward reaction ; 


or, ky[A]e X [Ble=ho[C]e x [D]e 
KeA lak r! fa N 


D [Alex [Ble k 
where K is called the EQUILIBRIUM CONSTANT or MASS LAW 
CONSTANT for the above reaction and is equal to the ratio of the 
two velocity contans k, and ką (vide Ch. XX, for detailed treat- 
ment of velocity constants). 


N.B. (1) Itis to be noted that [A],, [B]e, etc. are not the initial concentrations, 
but the molar concentrations when equilibrium has been finally attained. However, 
henceforth we shall drop the suffix ‘e’ and use [A], [B], etc. without any suffix to indicate 


» concentration at equilibrium. re 
(2) Also, we shall follow the convention of writing the resultants on the numera- 


tor and the reactants in the denominator in the expression for K. ` 
(3) It should also be noted that K is a constant at a given temperature and 


its value changes with temperature. 7 
Tf the reaction be of the type 2A>C-+D, we may regard it as 


A+A2C-+D, and the mass law equation becomes 
[C] x [D] _[C]x [P] 14.2 
K = ajxla] TAT 
In the general case if the reaction is represented by 
aA-+bB+. .zzgG-+hH-+.. 
G]ox [H]*x.... 
ate K = BX SPT ee Sis 
he third bracket [ ] represents the concentration of the res- 


resent at equilibrium. 
This equation which is the most generalised mathematical expres- 
sion for the Jaw of mass action and can be easily deduced thermo- 


, ; ay be stated as follows :— 
dynamically Vie r O eile concentrations of the substances formed in 


GANA uct SATA r : 

At equilibrium pe h E raised to a power which is the co-efficient of its for- 
A abe Mila equation, divided by the product of 7, concentrations 
CLE OUA stances, each raised to a power which is the co-efficient of 
of the reacting substances, (also vide True Equilib- 


its formula in the chemical equation, is constant. 
oe A r B: K and K,—In applying the law of mass 

Gaseous Reaction” scous equilibrium, we can also substitute the 
action to the case 0 


14. 


where t 
pective substance p 
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partial pressures for concentrations in the mass law equation since 
the concentration of a gas is proportional to its partial pressure. 
Taking a gaseous reaction represented by A+B2C+D and repre- 
senting partial pressures by the symbol “P” with proper suffixes, 

z _PoxPp, es _ [C]x[D] 
we may get, (i) Ke=p Ps Pp? and (ii) K.= [A]x [Bl 
where K, is the equilibrium constant. This equilibrium constant, Kp 
is not necessarily the same as the other constant, obtained by using 
concentration, which is called K,, but when there is little chance of 
confusion we shall use the symbol K generally. 

The relation between Kp and K, can be easily deduced. Since 
according to equation 2.2, we have PV=nRT, and so, P=(n/V)RT 
—cRT where c is the concentration, i.e. in the present notation, Pa 
=[A]RT and so on. Substituting this value of P in the definition 
of Kp for the general reaction, aA+bB-+-.. =gG+hH+.. we get 

Pa xPra’x.. _ [Gx [HI x.. (g-+h+..)—(a+6-#.). 

Ko pax Pax [AxB 7) 

PEKS =K, (RT) An 69 Be.) aes) 
where An is the increase in the number of moles during the reaction. 


Exampre 1. K, for the reaction, SO,+40,=SO; at 600°C is 61.7. Calculate 


14.4 


PHere, An=increase in number of moles=No. 3 

of moles at reactants trees S Pe E E EF gi 

K,=61.7 x (0.0821 x873) #=7.29. i í 

EEES LU X SS RA PA S ai oicone: aodimec u eiers 
Criteria of Chemical Equilibrium and Reversibility—“‘States 

of equilibrium are memoryless dead ends of dynamic processes” 

(A. Katchalsky) and so all chemical equilibria in general must satisfy 

the following three criteria. 


(a) Permanancy of Equilibrium. 
(b) Approachability from both sides. 
Qe) Incompleteness of the reaction. 


(a) PERMANANCY OF EQUILIBRIUM—A system when it has once reached equilibrium 
will remain unmodified in composition for ever, if the external conditions are kept unchanged. 
In nature however, some systems are met with, which are not in true equilibrium 
but seem to be so, because the change of the system towards equilibrium is so slow 
as to be beyond detection but a suitable shock or impulse will at once change the 
system to equilibrium. For example, a mixture of hydrogen and oxygen at room 
temperature, though apparently stable, combines in presence of platinised asbestos 
to produce a state of true equilibrium. Such an apparent equilibrium is also called 
false equilibrium or metastable state; this is also called FROZEN EQUILIBRIUM if 
the unstable condition corresponds to the equilibrium composition of a higher tem- 
perature. 

(b) APPROACHABILITY FROM BOTH smpes—When an electric spark is sent through 
pure ammonia, 93% of it gets decomposed into nitrogen and hydrogen. But if 
en electric spark is sent through a mixture of nitrogen and hydrogen in the ratio 
R: E cithe gases combine and 93% of nitrogen and hydrogen is left. Thus 
state of e at whether peste with pure ammonia or with its decomposition products, thes ame 
Saige a ue rium is finally reached whose composition cannot further be changed. This fact 

perimentally established by Berthelot and St. Gilles in their classical 


researches on th i A : eye 3 Seas 
afte saan esterification of acetic acid with ethyl alcohol and is the surest criterion 
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| (c) INCOMPLETENESS or Cuesica, Reactions—From the nature of the equa- 
tion for equilibrium constant, it will be easily seen that none of the substances can 
vanish. For, then the concentration of one of the substances will be zero, which 
makes the value of the equilibrium constant K cither zero or infinity, and K in that 
ase loses it significance. So, a reversible reaction will never be complete in any direction 
af the products are allowed to remain in the system. Many reactions, e.g. combination of 
hydrogen and chlorine, etc. appear to be complete, but this is due to the equilibrium 
point lying very close to one side. 

Dynamic Nature of Chemical Equilibrium—A chemical 
equilibrium is not a cessation of all reactions but it is due to an equality 
of speeds between the forward and the backward reactions. This can 
be experimentally proved by using radioactive isotopes as tracers for 


many reactions, an example being cited below. 


Arsenious acid is oxidised to arsenic acid by iodine in aqueous 
solution, the iodine being generally used in presence of an iodide, so 
that the iodine is present in solution as I;~ ions. The equilibrium is 

H,AsO,+1,-+H,O = H;AsO,+31-+2H+* 

Arsenic by neutron bombardment becomes radioactive arsenic 
from which radioactive arsenious acid can be prepared by the usual 
method. Ina blank experiment it is observed that this active arseni- 
ous acid remains unchanged in solution in presence of inactive 
(ordinary) arsenic acid. Now if an equilibrium mixture as shown by 
the above equation is made up using radioactive arsenious acid, the 
other components being ordinary chemicals, it is observed as expected 
that the net equilibrium does not shift. However, if the arsenic 
acid and the arsenious acid present in the equilibrium system, be 
examined from time to time for their radioactivity, it is found that 
the former becomes radioactive and the latter loses radioactivity at 
the same rate, and this rate is exactly equal to the rate expected 
from the law of mass action. This conclusively proves that even at 
equilibrium though the net reaction stops, the forward reaction and 
the backward reaction go on at equal rate. 

We cite here another example of the dynamic nature of chemical systems, viz. 

*Fettt Fett =*Fett + Fett 

in a mixture of ferric and ferrous ions, the ferric ions are continuously becoming 
ferrous ions and the ferrous ions present in the system are continuously getting con- 
verted at mutual expense into an equivalent amount of ferric ions. So, in a mixture 
of Fet++ and Fet+ ions the above reaction (which is in efffect an electron transfer 
reaction) is continuously taking place though apparently no change can be detected. 
Such reactions are therefore sometimes called virtual reactions. That the above 
change is continuously taking place can be easily proved and quantitatively measured 
‘by making a ferric-ferrous mixture using say radioactive ferric ions (*Fe+++ ), 
when it would be found that ferrous ions go on becoming more radioactive and ferric 
ions go on becoming less radioactive, both at the same rate. Experiments such 
as these, which are extensively done lately, prove conclusively the dynamic nature 
‘of chemical systems and chemical equilibria. 


Irreversible Reactions—Theoretically, all reactions are rever- 
sible. However many reactions appear to be irreversible, for exam- 
ple, burning in oxygen of carbon and carbon compounds, digestion 
of food, etc. However, in principle all these and similar reactions 
are reversible and in fact, it is even possible to calculate equilib- 
sium constants for them from thermodynamic free energy considera- 
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tions. ‘Our inability to run such reactions in the reverse way is simply 
a reflection on our inadequate knowledge to produce the right experi- 
mental conditions, and we conclude that there is no existence of trulp 
irreversible reactions. 


Application of the Law of Mass Action—It is now proposed 
to discuss some applications of the law of mass action to homogene- 
ous liquid and gaseous systems to investigate how far the equations 
derived on the basis of the law of mass action agree with experimental 
data. 


(a) Esterification of ethyl alcohol—It is a homogencous liquid: 

system and the reaction is representéd by the equation, 
CH,COOH+C,H,OH = CH,COOC,H,+-H,O: 

Original :— a b o a 

At equilibrium :— a—x b—x x Ei 

The equation for equilibrium is evidently, 

[CH;COOC.H,;] [H.O] K 14.6 
[CH,COOH] [C,H;OH] ay = 27 

N.B.—We shall throughout adopt the convention of writing the mass law 
equation with the resultants (right hand side) in the numerator and the reactants (left hand 
side) in the denominator though the opposite convention is used by some authors. 

Let us start with ‘a’ moles of acid and ‘$ moles of alcohol and: 
let ‘x’ moles of both the acid and the alcohol react to form ester to. 
produce equilibrium. Then the final system will contain (a—x) 
moles of acid, (6—x) moles of alcohol, x moles of ester and x moles. 
of water. If the total volume be ‘v’, then the equilibrium concen- 

„trations (moles per litre) of acid, alcohol, ester and water are 
a—x b—x x 


=: —, al — respectivel: 
nd T ` 
? > p! y 


So, substituting in the mass law equation we get, 


ES 
aes ow oft %2 
1 ; 
r bak, K or, => K ner TAT 
v v 


It is to be noted that the above equation for equilibrium constant, 
K does not contain v, and so the position of equilibrium is here 
independent of the total volume of the system. In fact, in any reac-. 
tion in which the number of molecules does not change due to the 


reaction the position of equilibrium is independent of the total volume- 
of the system. 


This reaction was first investigated by Berthelot and Pean de 
St. Gilles. They took one mole of acid with different amounts of 
alcohol in sealed glass tubes and heated up the reaction mixtures to 
100°C for rapid attainment of equilibrium. The tubes were then. 
rapidly cooled and the contents were analysed for the undecomposed! 
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acid by acidimetric titration, from which the amounts of ester formed 
were easily known. Their data were found to agree very closely 
with values calculated from the law of mass action as shown in the 
following table. 


Alcohol Ester formed Ester formed 
a (observed) (calculated) 


0.05 0.05 0.049 
0.18 0.171 0.171 
0.33 0.293 0.301 
0.50 0.414 0.423 
1.50 0.789 0.785 
2.24 0.876 0.864 


8.00 0.966 0.970 


Some Remarks on the Method of Application of the Law of 
Mass Action—In applying the law to a specific reaction it should be 
made clear that the law does not help in any way to find out in- 
‘dependently the extent of a chemical reaction from a given amount 
of the reactants. The law only makes it possible to calculate the 
equilibrium point starting from any proportion of the reactants, pro- 
vided the equilibrium point is already experimentally determined 
with a particular proportion. For example, given the information 
that one mole of acetic acid and one mole of alcohol form only two-. 
third mole of ester, we can calculate with the help of mass law the 
yield of ester from any other relative proportions of the acid and 
alcohol as illustrated by the following example. 


EXAMPLE 2. When alcohol and acetic acid are mixed together in equimolecular propor- 
tion 66.5 per cent are converted into ester. Calculate how much ester will be formed if 1 mole 
acetic acid is treated with 0.5, 4 and 8 moles of alcohol separately. 


.For 1 mol. of acohol and 1 mol. of acetic acid 0.665 moles are converted into 
‘ester and water i.e. a=1, 6=1, x=0.665. Substituting in the mass law, eqn, 14.7, 


[ester] [water] _ eae = (0.665)? pat 
HS [alcohol] [acid] (a (6=s)~ (10.665) (10,665) + (@PProx.) 


‘For 0.5 mole of alcohol and 1 mole of acid a=0.5, b=1 and so, we have 
x? 
4=05=s) (Is) 

‘This is a quadratic equation which on solution yields two values, x=0.423 and 
1.57, of which the latter value is inadmissible because, 0.5 mole alcohol can never 
roduce 1.57 moles of ester. Hence, number of moles of ester formed=0.423. 
Similarly, when a=4, b=1, we have x=0.93 and when, a=8. b=1, x=0.97. There- 

fore, the acid is 42.4, 93 and 97 per cent converted into ester respectively. 


(6) Formation of Hydriodic Acid—This is an example of 
‘homogeneous equilibrium. The reaction is 
H, + I, = 2HI 
a—x b—x 2x 
Let ‘a moles of hydrogen and ‘b? moles of iodine be heated in a 
wessél of volume, v, and let 2x moles of hydriodic acid be formed, 
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Therefore, the number of moles of hydrogen and iodine left at equli- 

brium are respectively (a—x) and (b—x). Substituting these values 

in the mass law equation we have 

=H ae ss .. 148 
[He] M] (a—x) (6—x) 


Here, again the equilibrium point is independent of the volume 
or pressure, and K, and K, have the same value (since An=0). 


This reaction has been experimentally studied by Bodenstein (1899). 
Known amounts of hydrogen and iodine are heated together in 
various proportions in sealed tubes to a temperature of 444°C (boil- 
ing sulphur). After a time sufficiently long for equilibrium, the 
tubes are suddenly cooled (frozen equilibrium) and the amount of 
hydrogen left is determined by absorbing the iodine and hydrogen 
iodide in potassium hydroxide ; the liquid obtained by absorption is 
analysed by the usual methods of chemical analysis. ‘The validity of 
the law of mass action is demonstrated in the following table com- 
piled from some recent data for this reaction. In the first four experi- 
ments reported in the Table the equilibrium was approached from 
the formation side and the last two from the decomposition side. 
It would be seen that K remains constant i 


n all the experiments 
proving conclusively the reversibility of the reaction and the validity 
of the law of mass action. 


K.=Ky 


Partial Pressure, atm. 


H, iy HI Kp 

0.1645 0.09783 0.9447 0.01803 
0.2583 0.04229 0.7763 0.01812 
0.1274 0.1339 0.9658 0.01829 
0.1034 0.1794 0.0129 0.01808 
0.02703 0.02745 0.2024 0.01812 
0.06443 0.06540 0.4821 0.01813 


If the reaction is the decomposition of hydriodic acid and written 
as 2HI2H,+1,, the equilibrium constant K will be the recipro- 
cal of the above equilibrium constant. Here, of course, the number 


of moles of hydrogen and iodine are equal and so the mass law equation 
is 
— [He] B] _ (2a—2x)? 
K= ne Fear - MRTA 
where 2a 


=original number of moles of hydriodic acid taken and 
x=the number of moles of hydrogen or iodine found at equilibrium. 


__(¢) Dissociation of phosphorus pentachloride—The dissocia- 
tion is represented by the equation— 


PCI;=PCl,+Cl, 
a 


—a a 
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Let 1 mole of the pentachloride be vaporised in a total volume of 
V litres. It dissociates giving a moles of the trichloride and a moles 
of chlorine, where a is called the degree of dissociation. 
l—a a 


The concentrations of PCl;, PCl, and Cl, are > yy and pres: 


pectively. Substituting these values in the mass law equation we 

have 

_ [PCI] x [Cle] a? 
[PCl;] (l—a) V 


It is to be noted that the value of a, the degree of dissociation, 
depends on the total volume of the system, and consequently on the 
total pressure (P) of the system. Such a system shows abnormal vapour 
density and a can be determined from vapour density (P. 40). 


K, 14.10 


The above equilibrium constant is K, the other equilibrium 
constant K, can be calculated as follows : 


Original At equilibrium 


Constituents 


Moles | x Moles Mole fraction Partial Pressure 


PCI; l-a (1—a)/ (14a) | [(1—a) /(1+e)]P 
al (1+a [a/ (1+a)]P 
ai. ers E GTP 


Total number of Moles S _Ppclax Pols _ a? P TATI 


at Equilibrium > P eer PROLA le 


Equation 14.11 shows that a depends on the total pressure of the 
system. Conversely, knowing a at a given pressure (data on P. 40), 
the equilibrium constant Ky can be easily calculated from eqn. 14.11 
and K, therefrom by using eqn. 14.5 as illustrated in Example 3 
below. Other similar systems are NH,Cl= NH,-+HCl ; Coc, = 
CO+Cl, ; NO. 2NO, ; etc. A somewhat different equation applies 
to 2NO,2@2NO+02 and the student is advised to formulate Kp. 


and K, for it as an exercise, and check them against equation 14.15. 


Thermal Dissociation—Note that such reversible decomposi- 
tions are sometimes called Thermal Dissociation instead of simply 
dissociation to emphasise the fact that the degree of dissociation (and 
hence K) depends strongly on the temperature. 

3. Phosphorus pentachloride is 41.7 per cent dissociated at 180°C under 
E Calculate the equilibrium constant using partial pressure. Also cal~ 


late the degree of dissociation at 2 atmospheres. Calculate Ko. 
S ate the dE and P=1, [eqn. 14.11] we have, 


7d ARON ee eee An 
Kye ee P= p gaml; KeK, (RT) 
=0.21 x (0.082 x453)4=5.66 x 10-* 
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When P=2, a is obtained from the above eqn. by putting Kp=0.21 and P=2 ; 
we then get a=30% (probable approximate value). 

Exampre 4. Calculate the volume per cent of chlorine at equilibrium in PCl; under a 
total pressure of 1.5 atmosphere. (Kp=0.202). 


ing Kp=0.202, and P=1.5 in eqn. 14.11 a comes out to be 0.343. Now, 
einen oe 11.5 (P. 151), volume per cent=mole per cent=mole fraction 
x 100=100a/ (1-2) =25.5%. 


N.B. Note carefully that a is weight fraction and is different from volume 
fraction. 

(4) Dissociation of Halogen Molecules—All the halogens 
dissociate at high temperature into atoms according to the equation— 
X> 2X ie. Che 2Cl; I= 21; etc., the tendency to disso- 
ciate being highest for iodine. Some data for iodine are given in 
the table at 700°C and 1001°C. The values of a were obtained by 
determining the pressure exerted by a known amount of iodine vapour 
confined in a known volume from eqn. 14.12(a) and K, from 14.12(b). 


(a) PV=(1ta)2 RT; (6) K, =U _ 40" p .. 14.12 


>= lh] E 


Pressure Degree 
Temp. | Pressure Theoretical | of Dis- | Kp atm, 1,221 
°C observed P=(n/V)RT |sociation, 
a 
1001 | 0.1122atm. | 0.0736 0.523 | 0.169 
33 0.4742 0.3695 0.283 0.165 Mean Kp=0.167 
ey 0.7531 0.6128 0.229 | 0.166 (1001°C) atm. 
ba 0.9308 0.7706 0.208 | 0.169 
700 0.0624 0.0576 0.085 1.81 x 10-3 3 
Ph 0.2982 0.2872 0.038 eyed. To Mean Kp=1.75 x 10-3 
AD 0.4898 0.4756 0.030 17635 (700°C) atm. 
5 0.6128 0.5970 0.0265 | 1.72 ,, 


Tt would be seen from the table that as expected from the law of 
mass action, K, remains sensibly constant with Pressure but varies 
rapidly with temperature. 

Chlorine and also bromine dissociate perceptibly at 1000°C, the 
dissociation constant being 10-8 and 8x 10-3 respectively. In other 
words, chlorine atoms are present to the extent of less than 1 part 
in 10,000, bromine atoms about 4 per cent and iodine atoms about 20 
per cent in the respective vapour at 1000°C under normal pressure. 


(e) Xenon-Fluorine Equilibrium—Three thermodynamically 
stable flourides of Xenon (a member of the inert gas group) have been 
lately discovered. They are formed by simple heating and the equi- 
librium constants for formation at 240°C are as follows, 

Xe+ Fæ XeF, ; Ky=8.79 x 108 atmos.—1 

XeF,+F,= XeF, ; Kp=1.43 x 108 

XeF,+F,= XeF, ; K,=0.94 
So, an excess of xenon will favour XeF, and an exces 
XeF,, and under usual conditions XeF, will be formed. 


s of flourine, 
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True Thermodynamic Equilibrium Constant: The Activity Quotient and 
the Concentration Quotient—So far we have always used concentration or pres- 
sure in the mass law equation. Strictly speaking, this is incorrect and according 
to thermodynamics the rigorously correct procedure is to use activity in place of con- 
centration and fugacity for pressure. These are, so to say, modern substitutes of the 
active mass of Guldberg and Waage (P. 210). 

Hence, we have for the reaction A+B+... z> C+D +... 

_acXxapX... where a stands for activity, and K is the true (ther- 
GA Xap xX... Modynamically correct) equilibrium constant. Since 


by definition, activity, a=ye (P. 206), where y is the activity coefficient, we obtain 
on substitution in the above equation, 


g-o xD [0] x [D] *Crp 
[A]ra x [B]vp [A] x [B] ^ YAB 


Thus, the true i.e. thermodynamic equilibrium constant is the product of the con- 
centration quotient, K, (i.e. the equilibrium constant expression using concentration 
or pressure as we have been so far doing) and the activity co-efficient quotient, Qy. For 
dilute solutions of non-clectrolytes as also for ordinary pressures the activity co-cffi- 
cients are close to unity and therefore the quotient, Qy is nearly equal to 1 and so 
the usual Kp (or Ke) can be used as we have done so fer without much error under 
such conditions. 


K,xQy we 14.13 


Effect of Pressure on Chemical Equilibrium—lIn reactions 
having an equal number of molecules on both sides of the equation, 
the equilibrium is independent of the total pressure since the mass 
law equation contains no term involving volume or pressure. The 
following table compiled from Bodenstein’s data for hydriodic acid 
formation (H,-}+-I,=2HI) verifies the truth of the above statement 
over a pressure range of half to two atmospheres. 


Total Pressure :— 0.5 1.0 1.5 2 atm 
Moles HI formed :— 0.404 0.428 0.444 0.426 


But, in reactions in which the number of molecules changes, in 
other words, where the chemical reaction is attended with a change 
in volume e.g. PCI; = PCl;+Cl,; Na+3H, = 2NH,; I, = 2I, etc.) 
the equilibrium point shifts with a change of external pressure. It 
has been found and can also be thermodynamically proved that in 
such cases, increase of pressure shifts the equilibrium point towards the direc- 
tion in which the volume decreases, i.e., the number of moles decreases, and 
vice versa. ‘Therefore, at constant temperature the degree of dissocia- 
tion will decrease with increase of pressure, which is also in agreement 
with the mass action equation (eqn. 14.12, ete.) for such dissocia- 
tion. As another example, pressure will favour the formation of 
ammonia from N, and H, since the number of moles decreases due 
to the reaction. The following table illustrates our point for the 
ammonia synthesis reaction at 20 iA 

pelag 1 1 300 600 atmos. 
Ped ferent anmmbeiat 1 1.2 d 5.6 104 26.2 42.1 
The effect -of pressure on the position of equilibrium is of great im- 
portance in technical processes and will be discussed again. 


Influence of Temperature on Chemical Equilibrium— The 
ium constant, K, is a constant only at a particular tempera- 


equilibr: 5 5 
d usually changes its value with change of temperature. In 


ture, an 


218 ELEMENTARY PHYSICAL CHEMISTRY 


other words, the position of equilibrium gets displaced with change 
of temperature, and this is because of a change in k, and ky 
(eqn. 14.1) but to an unequal extent. 


A very useful rule has been experimentally and theoretically 
obtained which predicts qualitatively the effect of temperature and 
runs thus :—At constant “pressure, the reaction which takes place with an 
absorption of heat is favoured by an increase of temperature, and a reaction 
which takes place with an evolution of heat is favoured by a decrease 
of temperature. In other words, endothermic reactions are fayoured 
by an increase of temperature whereas exothermic reactions have 
less yield at higher temperature. The whole thing can be quantita- 
tively treated thermodynamically with the help of van’t Hoff’s reac- 
tion isochore (egn. 14.20, P. 227). 


Since most dissociation processes are accompanied by absorp- 
tion of heat, they are favoured by an increase of temperature. Thus, 
the colour of N,O, gradually turns black with rise of temperature 
owing to the formation of NO, according to the eqn. N,O,=2NO,— 
12,260 calories. These considerations apply only to systems in true 
equilibrium ; the fact that ozone (an endothermic compound) is 
stabler at room temperature than say, at 300°C does not violate the 
above rule, since ozone at room temperature is not a system in true 
equilibrium. All technical processes are guided by such basic consi- 
derations and this phase of the subject will be considered again, 
The equilibrium constant changes so much with temperature 
that many species which are normally considered unstable becomes a 
stable species at higher temperature, Say in a furnace, or in the sun 
and some stars. For example in the range of 1000 to 3000°K CO 
becomes stabler than CO,, AICI than. AICI, Al,O than Al,O,, SO 
than SO, and so on. At still higher temperature molecules become 
atoms and at still higher temperature atoms lose electrons to form 
positive ions which together form what is known as the plasma state. 

Comparison of the effect of Temperature and Pressure—The Position of equilibrium 
is shifted by a change of temperature or a change of pressure, but the underlying 
reasons are different in the two cases. In the former case, the shift is due toa change 
in the equilibrium constant itself, while in the latter case, the equilibrium constant 


is not affected, but the equilibrium point changes since the mass law equation con- 
tains volume or pressure terms. 


Effect of Adding One of the Products of Reaction—Let the 


reaction be A+B == C+D; ~. K=[CIXID] te is evident from the 
[AxB] 
form of the mass law equation that by 
C, the numerator increases and so the d 
to maintain the value of K constant, i.e. the equilibrium will be dis- 
placed towards the left, We may therefore conclude that whenever 
a substance participating in an equilibrium is added to the system, the equilib- 
rium gets displaced in such a way as to tend to use up the substance added i.e. 


on addition of any of the components of the left hand side of the equa- 
tion, the reaction goes to the right, and vice versa. 


adding a component, say, 
enominator should increase 
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Tt is to be noted carefully that the above rule is valid only if the 
volume of the system is kept constant. In case the volume is allowed 
to change (for example, a gascous system at constant pressure) the 
shift of equilibrium by introduction of one of the components might 
be under some circumstances in a direction quite opposite to the 
required by the above rule. 


Effect of Adding an Inert Gas—If a non-reacting gas is intro- 
duced into the system at constant volume (of course the pressure 
will change), the equilibrium constant and equilibrium point will re- 
main unaffected because the partial pressures of the reactants and 
the products remain unaffected. However, if the inert gas be intro- 
duced at constant pressure (with consequent increase of total volume and 
decrease of partial pressure), the equilibrium will be displaced wher- 
ever Ky is dependent on pressure, though the equilibrium constant 
K, will itself remain unchanged because Ky is independent of change 
of of pressure. This is a rather subtle point which could be easily 
brought home by a few simple calculations. 


Le Chatelier’s Theorem—The effect of a change of pressure or 
temperature, or of the addition of a substance as just now discussed, 
follows from a general rule due to Le Chatelier, which can be stated 
as follows: When a system at equilibrium is subjected to a stress (such 
as a change of pressure, temperature or concentration), the system reacts 


in such a way as to tend to relieve itself of that stress. 


(i) INFLUENCE OF TEMPERATURE—So, if the tempera- 
ture of a system is raised by adding some heat from outside, the sys- 
tem will change in the direction in which it can at least partly destory 
the effect of some of the heat supplied to it, and this evidently is done 
if a change takes place in the system which occurs with absorption 
of heat. So, we come to the rule that increase of temperature favours 
the reaction which takes place with absorption of heat. ‘This we have 
already found to be true for chemical equilibrium (P.220). 


(it) INFLUENCE OF PRESSURE—If the pressure on the 
system is increased, the system will change in a direction in which 
it can release some of the additional pressure and it can do so by 
bringing about the reaction 1n the direction in which it takes place 
with a diminution in the number of moles, i.e. in the direction in 


which there is a decrease in volume. This we have already seen to 
be true for chemical equilibria (P. 219). 

(iit) ADDITION OF A COMPONENT-—If any of the compo- 
nents is added from outside at constant volume, its concentration 
increases and hence; the system tends to change in such a way as to 
decrease the concentration of the added substance. This can be 
done if the reaction is in the direction in which the added component 

(P. 221). So, it is seen that the theorem of Le 


is consumed up n 
Chatelier is in perfect accord with the observations and conclusions 


we have already made. 
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iv) Other Applications—This theorem of Le Chatelier can be generally applied 
‘to Me enn physical and physico-chemical equilibria. An apt application 
to physico-chemical equilibria has been already illustrated in the field of solubility 
i.e. an equilibrium between a solid and its saturated solution (P.117). An ingenious 
-application to a purely physical equilibrium is here cited from the ficld of zubie 
-elasticity. Most materials when extended by stretching them out get cither coole 
or not heated at all. Rubber on the other hand on sudden extension by stretch- 
ing out gets warmed which can be easily confirmed by touching an extended Piece 
-of rubber band by the tip of the tongue. The explanation based on Le Chatelier’s 
theorem is very simple indeed, The force of clastic recovery of rubber increases 


with temperature ; so by getting warmed the piece of rubber is tending to resist the 
force which is deforming it. 


This all-pervasive theorem is merely an expression of an inherent conservatism 
-of nature which resists every wind of change. Nature seems to counter every change 
imposed on a system by modifying the system in such a way as to tend to_nullify 
the imposed change. Looked at from a broader angle, the evolution of D.D.T.- 
resistant strains of fly from ordinary house-fly, or the sunproofskin of tropical people, 
or for that matter, the biological evolution itself is in essence a manifestation of Le 
‘Chatelier’s principle. In physical chemistry, however, it being merely qualitative 


falls far short of our ideal and we have to look beyond to thermodynamics for quanti- 
tative knowledge in this field. 


Application of Physico-chemical Principles to Technical 
Reactions—From the foregoing considerations of Le Chatelier’s 
theorem it appears that (i) for endothermic compounds the yield is 
increased by increase of temperature, (i) for exothermic compounds 
the yield is increased by lowering of temperature, and (iii) in reactions 


entailing a contraction of volume, the yield is increased by increase 
-of pressure. 


(a) Synthesis of Ammonia—Application of these results to the 
synthesis of ammonia, according to the exothermic reaction:— 
N,+3H,=2NH,+ 11,800 calories. 
would lead us to expect a great 
in technical processes, the yield is not the only 


» the time required to reach the 
equilibrium would be inconveniently long. Sı 


“Per cenl NH, be conducted at the lowest possible tempera- 
100; ture consistent with workable reaction speed. 
Therefore, for every exothermic technical pro- 
cess there is a temperature called ‘OPTIMUM 
TEMPERATURE’ _ belowwhich it is not 
profitable to work the process in consideration 
of reaction speed while above which the yield 
diminishes owing to a shift in equilibrium. 
N Since a catalyst profoundly influences the 
q Y speed of a chemical reaction but has no effect 
NA on the final position of equilibrium, a catalyst 
“ 200 300 400 500 coo 70 iS considered more efficient, the higher the re- 
Fig. 79Variation of  2C¢tion speed it can produce at any given 
yield ofammonia with temperature. Hence, the optimum tempe- 

temp. and pressure., rature would vary with the catalyst used ; for 


ines the above reaction using reduced iron and 
molybdenum as catalyst the optimum temperature is about 550°C, 
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The reaction involves a diminution in volume and hence the 
yield will be higher the greater the pressure. So, the common 
technical process using the above reaction (Haber’s process) uses a 
pressure of 200 atmospheres, though pressures up to 1000 atmospheres 
have sometimes been employed. The following table [and_the 
accompanying figure (Fig. 79)] which gives the percentage of NH, 
formed (equilibrium yield) at various temperatures and pressures, 
illustrates the truth of the above conclusions. 
i eT 

Pressure in atmospheres 


Temp. °G 
10 30 50 100 
350 17.8 per cent 25.1 per cent R 
400 10.09 + 15.11 H 24.91 per cent 
450 EN e Wie ee ME an 
500 348 |, OT A RED p 


(b) Synthesis of Nitric Oxide— The oxidation of nitrogen 
takes place with a large absorption of heat. 
N,+O,=2NO — 44,000 calories. 
The yield, therefore, will be increased by an increase in tem- 
perature and unaffected by a change of pressure. 


Not only high temperature but also efficient cooling of the products 
to attain a condition of ‘frozen 


equlibrium’ is essential. For, if 

Te equilibrium mixture is cooled Temp: Percentage of NO 
slowly, the percentage of nitric 1538°C 0.07 
oxide will gradually decrease 1604°C 0.42 
corresponding to lower conversion PEUR per 

at these lower temperatures. To 3402°G Boe 
avoid this subsequent decomposi- 907°C SO 


tion, the best way would be to 
‘chil? down the very hot gaseous 


uickly to temperatures ree 
Be ae 1500°C or so, where the rate of decomposition is too slow 


sition of the mixture (frozen equilibrium or arrest- 
A A 219). Commercial processes such as that of Birke- 
a Eyde, etc. work on this principle. The adjoining table 


shows clearly the increasing yield with rising temperature. 


(c) Oxidation of Sulphur Dioxide—The conversion of SO, 
to SO, is a strongly exothermic process. 
9S0,+O,=2805+45,200 calories. 


be greater the lower the temperature of work- 
ll be considered more efficient, if it can produce 
ed at a lower temperature. Finely divided 


So, the yield will 
ing, and a catalyst w1 
suitable working SP¢e 
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platinum or vandium pentoxide has been found to be the most suitable 
catalyst for the process, the ‘optimum’ temperature being about 400 
to 450°C when about 99% conversion is obtained. It appears from 
the equation that the reaction has a Possibility of higher yield at 
high pressure, but with the above working conditions the conversion 
is so complete as to leave no room for improvement of yield and hence 
the process is worked at ordinary pressure. 

(d) Other Technical Gas Reactions—Similar considerations 
apply to all technical gas reactions, e.g. Deacon’s process, oxidation 
of ammonia, hydration of ethylene, manufacture of hydrogen, manu- 
facture of methanol, manufacture of aviation fuel (iso-octane), etc. 


and in all modern processes proper considerations are always given 
to these basic physico-chemical principles. 


(e) Synthesis of Diamond—The reaction is 


than graphite and the above reaction is 


Pressure and a high temperatures are 
necessary for good yield. Actually, nearly a ton of diamond 
i i or cutting and grinding operations, 
is synthesised annually by using a temperature of 2000°C and a 
pressure of 50,000 to 100,000 atmospheres, 

EXAMPLE 5. Jn a mixture of No and Hy in the ratio of 1 


the percentage of ammonia under conditi 


: 3 at 30 atmos and 350°C, 
tons of equilibrium is 17. 


+ Calculate the equilibrium 


Let us write the equation as 4N2+$H2=NH, and assume that the given percentage 
is by volume. 


ut since the gases are in the ratio of 1: 


4(1—0.178) x30 and that of hydrogen 3 (1—0. 178) x 
stituting these values of partial pressures 


Pyu, : 

SpE TEE eee A =0.02697 

(Pua) § x (Png) } (0.2055) 4 (0.6165)! x 302, 
EXAMPLE 6.— Write down a general equation for Kp for conversion of nitrogen and hydro- 
gen into ammonia in terms of moles and calculate therefrom the Fp if 3:1 mixture of H, and 
Nz yields 0.5 mole of NH; at 100 atmos. 

N,+3H,=2NH, 
From this equation, Kf can be easily shown (eqn. 14,22 


a Ha È ) An 
Si NNa X TE 


bee aes we 14,14 
where n is the total number of moles of each components persent in the equilibrium 
mixture. Substituting the values of n viz. N,=0.75, 


H,=2.25, NH;=0.50. sp— :5 
and An=2—3—1——9 and P=100, we get, x aTa nEs 


K, 


) to be given by 


0.5? 00\ -2 
EARO 35) =0.0000377 


For the general reaction, aA +bB= 
pee m P\An 


NAG X nod \ Sn 


; 1E ias oe 14,15 
of which 14.14 (also 14.11 and 14.12) is a special case, 


cQ+dD, it can be easily shown that 
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Free Energy Change (AG) of a Chemical Reaction—The 
starting point of the derivation is the eqn. d G=—SdT+VdP which 
can be easily deduced (vide eqn. 10.14) from the definition of G. 

Since dG=—SdT+VdP 

dG=VdP (at constant temp) 

Applying it on an ideal gas (2c. PV=RT) between two pressures 
pı and ps, we get on integration— 

G,—G,=RT In(pe/p1) 
Making the choice of the gas at 1 atmosphere as the standard state, 
ie. putting pj=1 and G,=G* we get 

G=G°+RT In To 56 Sa TEENS 
which gives the free energy of one mole of an ideal gas referred to 
its standard state, G°. 

Let us now calculate the free energy change AG for the following 
gascous chemical reaction (assuming the gases to be ideal) when a 
moles of A at pressure pa plus b moles of B at pressure fg etc. be com- 
pletely converted into ¢ moles of C at pressure fa plus d moles of D 
at pressure pp, etc. 

aA+bB+....=cC+dD-+.... om JE 


Free energy of a moles of A=aGa=a(G°a+RT In pa) 
a as b moles of B=bGn=b(G°B+RT In ps) 
f c moles of C=cGa=c(G°c+RT 1n fc) 
a 5 d moles of D=dGp=d(G°p+RT In fp) 
If the reaction goes to completion from left to right, AG would 
be the difference in G between the initial and the final state, 


ie, AG=(G) Products —(G) reactants 


Baek ines pet bot 
«= AG=(¢ G’c+dG°p—aG*a—bG*s) + RT Ins ps? 
c d 
=AG°+RT lee s J 14,18 


This is a perfectly general equation and gives the free energy 
change of any chemical reaction with each component of the 


reactants and the products at any arbitrary pressure. Suppose we 
start with reactants and obtain products at pressures which correspond 
to the partial pressures of a system in equilibrium. The above equa- 


tion then takes the following form : 
í o Po? Pp? 
(AG)equil. = AG°+RT In (Ge =) 
where P’s stand for pressure of the respective components in a system 
in equilibrium. 
But at equilibrium, AG=0 (eqn. 10.18) and the bracketed expres- 
sion then becomes equal to i. 
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0=AG°+RT In K, 
or AG°=—RT In K, .. 14.19 


So, the equilibrium constant is related to the standard free energy 
change (AG°) by the above simple relation. It should be carefully 
noted that AG? is simply the free energy change to covert the reac- 
tants at unit pressure into the products at unit Pressure. For exam- 


pressure at constant temperature of 25°C, the decrease in free energy 
or net work obtainable is 54.65 Kilocalories. Eqn. 14.18 is one of the 
most fundamental and important relations in physical chemistry 
and it can be used in many ways as discussed below. 


(1) Theoretical Calculation of K,—Since G° values for many com- 
pounds can be obtained from independent measurements (for example, 
from thermal and Spectroscopic data), it is possible to calculate K, 
from such a table of standard free energy (G°) values using eqn. 14.19, 


(2) Deduction of Law of Mass Action—We note that AG” in eqn. 
14.18 is a constant because G is a state function (vide p. 95 and 138) 
and AG? merely represents the difference in free energy between 
products and the reactants all at unit pressure. We therefore get 

me Eokn the 
K p= Pae PR Constant 


So we have thermodynamically deduced the law of mass action. 


(3) vant Hoff’s Reaction Asotherm—If we substitute the value of 
AG” as obtained from equation 14.19 in eqn. 14.18 we get 


c a 
AG = —RT 1nK,+RT In am .. 14.20 


a general expression for free energy change in any chemical reaction. 
This reaction is known as REACTION ISOTHERM and—AG is 
called the AFFINITY of the reaction 


Classical Derivation of Reaction Isotherm—The derivation 
of eqns 14.18 and 14.19 was done in a picturesque manner by van’t 
Hoff with the help of his imaginary device of “the equilibrium box” 
(Fig. 80). Each reactant gas is expanded isothermally and reversi- 
bly from its storage pressure of p to the equilibrium pressure P and 
pressed into the box through the corresponding semipermeable memb- 
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Pc’.Ppt beo®-pot 
Pa?.Pp? as In oye ps? + ART, Sa: HOY 
where An=c+d—a—b. 

Net work, w'=w—p AV=w— AnRT. 
Now, by definition, — \G=w’ i.e. the decrease in free energy is equal 
to the net isothermal and reversible work by the system (see equation 
10.16, P. 135). So we may write 


Pot. Pp? bc- pn? 
—AG=RTin E pa RT O. aa 14,29 


On substitution of p=1, this eqn. becomes eqn. 14.19; further, on 
substitution of K, for the first right-hand fraction it becomes identical 
with reaction isotherm (eqn. 14.20). 


w=RT in 


EQUILIBRIUM BOX 


Ro Ro Re R 


eE I 
aA + bB>cC+dD! ? 
p | 


Fig. 80—Van’t Hoff’s Equilibrium Box 


Effect of Temperature on Chemical Equilibria—Differentiat- 
ing equation 14.18 with respect to T at constant pressure and then 


multiplying by T we get 
ET e ©)=RTWK, -RT? (ar) —RTin Poo" 
P ar P 


a Pat pp? 

nK 
=—AG+RT? (=) (by eqn. 14.18) 
oT Je 
Comparing with Gibbs-Helmholtz equation (10.20), 
G 
—AG+A H= —T. ar | we have 
dinKp _ AH 


ie RI +: +. 14.93 


where K, is the equilibrium constant and AH is the heat absorbed 
ie. AH is the negative of the heat of reaction at constant pressure. 


This is the required equation and its different forms are known as 
VANT HOFI’S REACTION ISOCHORE or reaction isobar. 
which correlates the temperature coefficient of equilibrium constant 


15 
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with the heat of reaction. Assuming AH to be independent of tem- 
perature (cf. p. 180) we can integrate it to get the equation 


US EVN I 

ee TR(T, T) 2 an Sete 

Hence, if we know the equilibrium constant at two temperatures, 

we can calculate — AH, the heat of reaction at constant pressure. 

Alternatively, knowing the heat of reaction and the equilibrium 

constant at one temperature, we can calculate the latter at any other 
temperature. 


EXERCISES 


1. What are reversible and irreversible reactions? Comment on the state- 
ment, “all reactions are reversible”. Can you cite any experimental proof of the 
dynamic nature of chemical equilibrium? “How can you be sure that the given 
state of a system is a case of true equilibrium? 

2. State the law of mass action and formulate the mass law expression for the 
following reactions in terms of known amounts of original reactants :— 


G) N,+0,=2NO, ©) Bro=2Br, 
Gi) 4N2+2H,=NH,, (vi) H,O+D,=HD+HDO, 
fiii) 2INOBr=2NO+Br,, (vii) 2NO,=2NO+0, 


(iv) CH,+2H,S=CS,+4H,, 

Discuss how these equilibria will be shifted by an increase of pressure and dis- 
cuss the effect of addition of an inert gas (i) at constant volume and (ii) at constant 
pressure on the yield in the above reactions. 

3. Write short notes on :—(a) balanced state, (b) Le Chatelier’s Principle, 
(c) reaction isochore, (d) relation between Kp and Ke. 


4. If the equilibrium constant changes ten times by a certain increase of tem- 
perature for a reaction of the type H,+I,=2HI, show that for sufficiently small con- 
version the yield is changed 4/10 times under otherwise identical conditions. 


5. If one mole each of acetic acid and ethyl alcohol is mixed, the reaction, 
‘C,H,OH+CH,GCOOH =CH,CGOOC,H,+H,0 proceeds to 2/3 conversion. If 
‘we start with (a) 1 mole of ethyl alcohol and 2 moles of acetic acid, (6) 1 mole of 
acetic acid and 2 moles of ethyl alcohol and (c) 1 mole of acetic acid, 1 mole of ethyl 
alcohol and 1 mole of water how much ester will be present in each case at equilib- 


cium? [(@) & (b) 0.846 ; (c) 0.5421] 
6. How will the above original equilibrium be affected by adding (i) 10 gms 
of acetic acid or (i) 10 gms of ethyl alcohol? [0.716, 0.729] 


7. Prove that for the reaction aA+6B=cC+dD. 
__ ncex = P\An 


P naa xX rBe\ Sn, Ls ES we 14.29 
where n stands for moles present at equilibrium, P for pressure, En=total no. of 
moles present at equilibrium and An=c+d—a—b. This eqn. is most convenient 


for calculation of Kp when total pressure P is given (vide P. 224, Ex. 6). 

8. Iodine is partially dissociated into atoms on heating. Suppose a system 
containing iodine atoms and molecules (I,) is subjected to continually increasing 
pressure until the new partial pressure of iodine molecules is double its original value, 
By what factor will the degree of dissoication and concentration of I change. 

[a :@.=2—0.41 a; ; Py:Py(for 1)=2] 

9. Explain with the help of Le Chatelier’s theorem why nitrogen dioxide gas 
becomes less dissociated when compressed at constant temperature, 

10. A salt is found to dissolve in its nearly saturated solution with an increase 


of the total volume. Can you predict how the solubility of the salt would change 
if pressure is applied to the saturated solution? 
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1l. Solubility of common salt increases very little with increase of temperature. 
“What conclusions can you make concerning its heat of solution? 

125 8At 497°C, and under a total pressure of 261.4 mm. of mercury, N,O, is 
‘63 per cent dissociated into NO,. What would be its degree of dissociation at the 


‘same temperature but under a pressure of 93.8 mm.? [80.4%] 
13. At 250°C, and 1 atm. pressure, phosphorus pentachloride is 80 per cent 
-dissociated. Find its dissociation constant. [1.78] 


14. When 1 gm. of PCI, crytals is vaporised at 182°C and 1 atmosphere, the 
-density of the vapour referred to air is 5.08 when equilibirum is reached. Calculate 
w, Keand Kp. [Given air is 14.4 times heavier than H,] 

[a=42.3% ; Ke=0.0058 ; Kp=0.218] 
int :—Determine a from a=(Dp—D)/D; from a, calculate Kp from 
=a*P/(1—a*) ; and Ke from the equation Kp=KcRT-] 

15. A mixture of SO, and O, at 1 atmos in the mole ratio of 2 : 1 is passed 
through a catalyst at 1170° at a rate sufficient for attainment of equilibrium. The 
‘exit gas, suddenly chilled and analysed, is found to contain 87% SO, by volume. 
‘Calculate Kp for the reaction SO,+$0,=SO3. [Kp =48.2 ; K,=524.7] 

16. A sample of 0.127 g. iodine when heated in a quartz vessel of 225 c.c. capa- 
«city at 1000°C is found to exert a pressure of 200 m.m. Calculate the dissociation 
-constant for the I, molecules and the partial pressure. 

[(a) 0.01901 ; (b) 0.201 atm.] 


17. Assuming the above value of Kf calculate the total pressure of the system 
«if the partial pressure of atomic iodine is 0.01 atm. [0.015 atm.]. 

18. It is found that 0.0755 gram of selenium (Se=79.23) vapour occupying 
a volume of 114.2 c.c. at 700°C exerts a pressure of 185 mm. The selenium is in 
.a state of dissociation equilibrium in accordance with the reaction Seg=3 Ses. Cal- 
culate a, Kp and Ke. [a=0.597 ; Kp=0.1745 ; K,=.2735 x 10~*] 

[Hint :—Calculate apparent density (D) from the eqn. D=PM/RT (eqn. 2.4) 
‘and then get a from a(n—1)=(Dy—D) Í D where n=3]. 

19. If ais the degrec of dissociation of NH, at a pressure P prove that a*=1/ 
(1+1.30P/Kp). (Hint: use eqn. 14.22]. 

20. Ifthe heat of reaction at constant volume exceed that at constant pressure 
or an endothermic reaction at 25°C by 1190 calories, what is the value of the ratio 
Kp/Ke? [(RT)?= (0.082 x298)? in atmos and litre units.] 

21. Equilibrium constant (Kp) for the reaction 2H,S=2H,+S, is 0.0118 at 
41065°G and heat of dissociation is —42,400 calories. Find the equilibrium con- 
stant at 1132°C. [0.025] 

22. Equilibrium constants (Kp) for the reaction §H,+$N,=NHs; are 0.0266 
and 0.0129 at 350°G and 400°C respectively. Calculate the heat of formation of 
gascous ammonia. [12,140] 

23. Twenty grams of hydriodic acid are heated at 327°C in a bulb of 1 litre 
«capacity. Calculate the volume percentage of H,, I, and HI at equilibrium given 
that the mass law constant don the ecuabon e RIS Ea TI is 0.0559 at 327°G, when 
È i expressed in moles per litre. 
the concentrations are exp! fHI—679 per cent ; H,—T,=16.05 PREE 

[Hint :—Use eqns. 14.9 and 11.4] 

24. Prove that eqn. 14.19 becomes AG®, =—RTinK, if unit concentration 
ids taken as thestandardstate. Whatform will then eqn. 14.23 take? 


25. Provethat K,=K,(RT) An_ KPA” 


CHAPTER XV 
HETEROGENEOUS EQUILIBRIUM 


General—Any portion of the physical world under consideratiom 
limited by real or imaginary boundary is called a system. In any 
system, each physically distinct and mechanically separable portion of 
matter which is itself homogeneous and uniform in composition is called! 
a ‘phase’—a term, which we have often used in the previous chap- 
ters. Any system consisting of more than one phase, is called a 
heterogeneous system. Thus, if we have some water and water-vapour 
in a vessel, it is a heterogeneous system consisting of two phases, a 
liquid phase (water) and a gaseous phase (water-vapour). The system 
obtained by heating calcium carbonate is a heterogeneous one con- 
sisting of three phases, two solid phases (CaCO, and CaO) and one 
gaseous phase (CO,). 


Law of Mass Action and Heterogeneous System—In apply~ 
ing the law of mass action to cases of heterogeneous equilibrium, espe- 
cially to systems which consist of solid phases, one is confronted with, 
the difficulty of what meaning is to be attached to the active mass of 
a solid. The difficulty can however be surmounted by supposing that 
the active mass of a solid is constant at a definite temperature independent of 
the amount of solid present. 


This is in agreement with the fact that like liquids alt solids have 
a definite vapour-pressure of its own independent of its amount and 
so, the gaseous phase contains the solid in the vapour state with a 
negligibly small but constant partial pressure. We may, therefore,, 
regard it as a homogeneous equilibrium in the gas phase, in which the: 
Solids are present with a constant partial pressure (or active mass). Formally, 
we attain the same objective by adopting the convention that the 
the active mass of all solids is equal to unity at all temperatures, 


[Solid]=Psorm=1 (at all temperature) 


With this ‘proviso’ the law of mass action can be applied to hetero~ 
geneous systems, and some very interesting results can be deduced: 


Dissociation of Calcium Carbonate—If calcium carbonate is: 
heated in a closed space, a portion of it usually decomposes forming 
calcium oxide (solid) and carbon dioxide (gas) and ultimately an 
equilibrium is set up according to the equation, 


CaCO,(s) => CaO(s)-+CO,(g) 


The system consists of three phases, two solids and one gas and: 
we may regard, as just now discussed, that the active masses or partial. 
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pressures of the solids are constant and are equal to unity. Therefore 
applying the law of mass action, we have 


Paso X Pecos Poacos(s) 
= Pco:= =K KAS: 
Pcacos SCOE Poao(s) z 


The very interesting and unexpected result comes out that the 
pressure of carbon dioxide is constant at constant temperature independent of 
the amount of calcium carbonate present in the system. This equilibrium 
pressure of carbon dioxide, which is constant at constant tempera- 
‘ture, is called, on account of its similarity with the vapour pressure 
of liquids, dissociation pressure of calcium carbonate. At every tem- 
perature, the system will attain its corresponding dissociation pressure 
and then it is impossible by any means, even by adding to the system, 
lime, CaCO, or CO, from outside to change the dissociation pressure. 
Any added lime or CaCO, will remain unchanged, and CO,, if 
added, will combine with free lime until the pressure falls down to 
the dissociation pressure. This is the reason why in lime-kilns, the 
evolved gas is continuously removed, so that the pressure of carbon 
dioxide remains well below the dissociation pressure. The system 
was first investigated by Debray (1867) and all the above deductions 
‘were verified. Some recent data for the dissociation pressures of 
calcium carbonate at different temperatures are given in the accom- 


panying table. 


K 


Dissociation Dissociation 
Temperature °C Pressure, mm. Temperature °C Pressure mm. 
0.073 850 324 
1.84 900 793 
22.2 950 1577 
63.2 1000 2942 


167.0 1200 21797 


This type of results is valid for any solid substance, which reversi- 
bly decomposes to a number of products, only one of which is gaseous. 
Some illustrative examples of such reactions are— 

(a) BaO, =BaO +40, (Brinn’s Process). 

(b) 2cu0=2Cu+O: 

(c) HgO=Hg+}0: 

(d) CaQ:,O4 (Ca-Oxalate) =CaCO;+CO 
(e) KH (Pot. Hydride) =K+}H, 

Q) 2NaH,PO,=NazH:P,07+H:0 

G) NiBrs,2NH,=NiBrs;NHs+NUs. 


Metal Hydride — Hydrogen System—As ordinary combustion 
produces pollution, ecologically minded people are developing methods 
‘of using hydrogen, the cleanest of all fuels. For this “hydrogen 
economy”, metal hydrides of metals or alloys(or inter-metallic com- 
pounds) depending on heterogeneous equilibrium, such as 


Metal hydrogen = Metal hydride 
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for example, Mg-+-H, = MgH,, etc. are under intense research ab 
present for storage of hydrogen. 


Variation of Dissociation pressure with Temperature— 
Since the dissociation pressure, P is equal to the equilibrium constant 
Kp and since the variation of K, with temperature is given by equa- 
tion 14.23, we can substitute P for Kp, when we obtain 

Se AL s 
log P= 2303R T +const. Ta ja BGR: 


i.e. logarithm of the dissociation pressure when plotted against 1/T 
gives a straight line and the slope is equal to — AHJ2.303R where: 
— AH is the heat of dissociation. So, from the above data we can. 
calculate — AH, the heat of dissociation of calcium carbonate. 

Exampre 1.—Using the above data for 500° and 600°C, calculate the heat of dissocia- 


tion of calcium carbonate in this range. 
From equation 15.3, we have 


H/l 1 
log Pil) =a-a¢gR (Te Te ly u we 154 


Substituting values, we get 

log (1.84/0.073)=[AH]/(2.303 X2)] x [600—500)/773 x 873] 
or AH=+44,100 calories, Heat of dissociation is —44,100 calories. 

Dissociation of Ammonium Hydrosulphide—TIf solid ammo- 
nium hydrosulphide is heated it dissociates forming two gaseous pro- 
duct, ammonia and hydrogen sulphide according to the equation :— 
(NH,)HS(s)= NH,(¢)-+H,S(g). Applying the law of mass action,. 


PnH, x Px,s 4 
ECEE =K ; but, P(wxyus) (solid) =Const.=1 (by convention)- 
ʻe Pnu x Pu s=K. an ae 2 5D 


So, we arrive at the result that in the gaseous mixture the product: 
of the partial pressures of ammonia and sulphuretted hydrogen is constant at 
constant temperature—a relation which has been experimentally verified: 
Thermal decomposition of sodium bicarbonate follows an equation. 
similar to 15.5. 


Dissociation of Salt Hydrates—If a quantity of CuSO,, 5H.O: 
(blue vitriol) is kept in a desiccator connected to a manometer. “it 
would be seen that the manometer indicates a constant pressure, as. 
long as the temperature is constant. The reason for this is that 
CuSO,, 5H,O dissociates giving water vapour and a solid lower 
hydrate CuSO,, 3H,O according to the equation— 

CuSOQ,, 5H,0 = CuSO,, 3H,0-+2H,0(g) 

The case is similar to the thermal dissociation of calcium carbo- 
nate to form one solid (CaO) and one gas (CO,) where it has been. 
shown that the pressure of carbon dioxide remains constant. So, here 
also the pressure of water vapour in the system would be constant A 


h ; 5 P*H,.9.X Pa, SO4> 3H: 
the mass law equation for the system is — 20" * CuSOs s3H20 L K 
CuSO4 5H20- 
or, Py29=constant. Pe . 15.6 
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N.B. It should be pointed out that this constant press 

i ure of i 
not duc to either the pentahydrate or the trihydrate, butis a EET AE 
as a whole consisting of the three phases, the pentahydrate, the trihydrate and the 


water vapour. 
At 50°C, the vapour pressure of the pentahydrate—trihydrate 
system is 47 mm. As more and more water leaves the system, the 
ressure nevertheless remains constant at 47 mm. until the whole 
of the salt is converted into trihydrate when the pressure suddenh 
falls to 30 mm. The reason for this is that as soon as the whole of 
copper sulphate is converted into the trihydrate, the above equili- 
brium loses its significance and now a new equilibrium is established 
due to the dehydration of the trihydrate to monohydrate according 


to the equation :— 
CuSO, 3H,O = CuSO,, H,O-+-2H,0 


Here again the vapour pres- 
sure of water vapour remains con- 
stant at 30 mm. until the whole is 
converted into the monohydrate, 
when the pressure falls to 4.5 mm. 
due to a new equilibrium, CuSO,, 
H,O = CuSO,+H,0, and remains 
at this value as long as there is 
water vapour in the system. The 


above results are graphically repre- 
sented in the accompanying figure CuSO4 CuS04H20 CuSO, 3H20 H, 


where the pressure is plotted as COMPOSITION OF SOLID PHASE ! 
ordinate and the composition of the Fig. 81—Dehydration Curve 
solid phase as abscissa. It will be for Blue Vitriol 
observed that the pressure suddenly drops whenever the composition 
of the solid phase is just the same as one of the participants in the 
equilibrium but otherwise remains constant parallel to the composi- 


tion axis. 


CuS045H20 


Cus043H20 


PRESSURE 
CuSO4H20 


Efflorescence and Deliquescence— Aninsight into the phenomenon of efflores- 
cence or deliquescence can be obtained in the light of the above knowledge. It 
has been found that there is a definite vapour pressure corresponding to a mixture 

of the water vapour in the atmosphere 


of two hydrates. So, if the vapour pressure D 
excceds this value, the lower hydrate 1s completely converted into the higher hydrate 
and the salt is a stable one. But if the tension of aqueous vapour present in the atmos- 
phere is less than this value, the salt gradually loses water and gets converted into the 


lower. hydrate. This phenomenon is efflorescence or losing of water by a crystal. 


Deliquescence is the name given to the phenomenon of absorption of water by 
a’salt and the solution of the salt in the water absorbed. A solid would deliquesce 
jn moist air if the pressure of the water vapour present in the atmosphere is greater 
than the vapour pressure of the saturated solution of the solid. The average pressure 
of water vapour present in the atmosphere is less than 15 mm., while the vapour pres- 
sure of a saturated solution of CaCl, is only 7.5 mm. and so, the salt is deliquescent. 
It is thus quite possible that a salt which is ordinarily stable may become temporarily 


deliquescent during the rainy season when the air becomes too moist. 


Action of Steam on Heated Iron—Early this century during 
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the period "of balloon ascent this reaction was used for large-scale 
preparation of hydrogen. The reaction is a case of heterogeneous 
reversible reaction represented by 


PH, 
4H,0+3Fe = Fe,0,+4H, ; or Pa o =constant TI IOA 
Therefore, the ratio of the pressure of hydrogen to the pressure of steam is 
a constant at any given temperature. 


PHASE RULE & PHASE EQUILIBRIA 


Introduction—The equilibrium in a system consisting of a num- 
ber of phases is however very conveniently studied with the help of 
the phase rule, which was thermodynamically deduced by Willard 
Gibbs in 1876. Before the rule can be stated formally the terms 
phases, components and degrees of freedom need be explained. 


Phases—We have already defined the term phase as each 
physically distinct portion of matter which is itself homogenous and uniform 
in composition and is separable from other barts by distinct boundary surfaces. 
Gases being mutually miscible in all Proportions, there can be only 


the water system, there are three phases, ice, liquid water and vapour. 
The system, CaCO, (s)= CaO (s)++CO, consists of three phases— 
two solid phases and one gaseous phase. 


Components—The number of components is defined as the smallest 
number of independently variable constituents Starting from which the com- 
position of each phase can be expressed directly or i 
equation. This is a rather difficult concept in connection with phase 
tule and has to be thoroughly mastered, 


The water system, for example, is a one-component one, since 
each phase ice, liquid water or vapour is essentially water in com- 


| composition of each of the other phases is that of only oneYof the 
, components 7.e. either CaO or CO, as the case may be. Note that 
it is not possible to express the composition of all the three phases 


by less than two substances and so the number of Components is 
two here, 
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If however a solid dissociates into a number of gaseous substances 
‘e.g. NH,Cl = NH,+HCI, the number of components is only one, 
‘because the composition of the dissociated vapour is exactly the same 
-as that of the undissociated substance (é.e. NH,Cl) so long the gaseous 
products of dissociation are present in stoichiometric proportion. 
In case however, NH; or HCI is introduced from without, the above 
argument does not apply and the system becomes a two-component 
one, 


It should be pointed out in this connection that as far as phase 
rule is concerned, the relevant quantity is the NUMBER OF COM- 
PONENTS and not the components. The former is a unique property 
of the system and not the latter. For example, in the calcium carbo- 
mate system the number of components is two, but we may with equal 
justification call any two of CaO, CO, and CaCO, as components. 
‘So, the question, “which are the components in a given system?” 
has no unique answer and so cannot be unambiguously met. Taking 
the extreme view we may with perfect justice designate even calcium 
and oxygen as the two components of the calcium carbonate system 
because if we fix the percentage of these two elements in any phase 
the percentages of all other elements in the same phase become fixed. 


Degree of Freedom or Variance—The number of degrees of 
freedom of a system is the minimum number of variable factors such as tem- 
Yerature, pressure and concentration, which can completely define the equilibrium 
of a system. Note that the degree of freedom in phase rule is quite 
different from the degree of freedom of a gas molecule in kinetic 


theory (P. 12). 

For example, consider the system, water—water vapour. So 
Jong the temperature is constant, the pressure cannot be changed 
without vitally disturbing the equilibrium of the system. If an 
attempt be made to increase the pressure of the system by increasing 
the external pressure, the vapour phase disappears completely pro- 
ducing an altogether new system. So, the system, water—water- 
vapour is said to have one degree of freedom, or more commonly, 
to be univariant. Consider the triple point ice-water-vapour ; this is 
zero-variant since neither temperature nor pressure can be changed 
without causing one of the phases to disappear. An ordinary gas is a 
bivariant system, since its temperature as well as pressure can be 
fixed at any arbitrary value (within limits, of course). Thus degrees 
of freedom are analogous to independent variables in mathematics. 


‘The Phase Rule—The rule can be stated as follows. The sum 
of the number of phases and the degrees of freedom of any system exceeds the 
number of components by two, provided that the only significant external factors 
acting are temperature and pressure (i.e. no surface effect, gravitational effect, 
etc. are present), or stated in symbols. 

p+-F=C-+2, or the more usual form, C—P--2=F we =15.8 
where C is the number of components, P the number of phases and 
F the degrees of freedom. 
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Some deductions from Phase Rule are shown below in tabular 


form. Application to some typical systems follows. 
Ghee oe es eS 


No. of 
No. of Degrees of Example 
phases, P | Freedom, F 


Ice—Vapour ; Water—Vapour ; 
Rhombic S—Monoclinic S ; 


One-Component Sulphur—Vapour ; 


System NH,Cl(s) —NH’Cl(g) 
G=1 
‘| Triple point of Ice— Water — Vapour; 
Triple points in Sulphur System 
NH,Cl(g)-+NH;(g) or HCl(g) ~ 
Two-Component Salt Soln.—Vapour ; 
System Satd. salt soln.—Solid ; 
c=2 NH,Cl(g) +NH,(g)-+NH,Cl(s) 


CaCO,(s) + CaO(s) + CO. (g) 5 
Satd. Soln.—Solid—Vapour ; 
Liquid 1—Liquid 2—Vapour 


One-Component SYSTEMS 


Phase Diagram of Water—The phase diagram of water (i.e. 
the vapour pressure versus temperature diagram) is shown in Fig. 82. 
The curve AO (full line) is the vapour pressure curve of ice which 
indicates that ice has a small but definite vapour pressure at each 
temperature like water. OB is the vapour pressure curve of water. 
The curve OB terminates at B, the critical temperature (374°C) 
because above this temperature the distinction between a liquid and 
its vapour vanishes. 

Along OA ice is in equilibrium with its vapour and each tem- 
perature has a definite vapour pres- 
sure. This is in agreement with phase 
rule because this is a one component 
system with two phases (C=1, P=2 
<. F=1—2-+-2=1) and so there is only 
one degree of freedom, i.e. if the tem- 
perature is fixed, all other properties 
are fixed. The same remarks apply 
along OB (water-vapour equilibrium), 

The point of intersection of these 
two curves, viz. the point O is called 
a TRIPLE POINT because the three 
phases, ice-water-vapour are in equilib- 
rium. It is really the melting point of 


Łiouip 
(WATER) 


PRESSURE 
a 
fo} 
i 
5 


o 
VAPOUR 


E 


100° 
TEMPERATURE 


Fig. 82—Phase diagram of 
water (not to scale) 


ice under its own vapour pressure ; its 
value is very near to 0°C, to be 
exact 0.0098°C under 4.58 mm. pres- 
sure. The interesting point to note 


is that it is a fixed point and admits of no change in temperature, 
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pressure or any other property. This is also expected from phase 
rule because C=1, P=3 and therefore the degree of freedom, 
F=]—3+2=zero. 

The dotted portion OA , which is the continuation of the curve 
BO below 0°C, is the vapour pressure curve of water when super- 
cooled below 0°C. ‘This curve runs above the vapour pressure curve 
for ice in harmony with the fact that ice is stabler than water below 
0°C. The curvé OC represents the change of melting point of ice 
with pressure. It is inclined towards the pressure axis in confor- 
mity with the well-known fact that the melting point of ice is lowered 
by an increase of pressure. 

The curves divide the whole region into three portions in each 
of which, as indicated in the figure, only one phase is present. The 
temperature and pressure can both be varied in these single-phase 
regions, because the degree of freedom, F=2. The vapour pressure 
curves are the common lines of intersection of these regions and hence 
along them two phases are in equilibrium with F=1. At the triple 
point O, three phases co-exist in equilibrium (F=0) ; also, since 
the two curves, AO and CO intersect at one point, there is only one 
triple point for the system. 

Principle of Sublimation—From the above diagram itis clear that if a vapour 
below its triple point pressure (OD) is cooled it will be directly converted to the 
solid state. The reverse is also equally true. If a solid is heated and the vapour 
pressure above it is not allowed to exceed the triple point pressure, the solid wil 
be directly converted to the vaporous state. The above is the principle of sublima~ 
tion. Thus, iodine witha triple point of90 mm. pressure and 114°C, is casily sublimed. 


on slow heating provided pty is maintained below 90 mm. However, if the heating 
is too rapid in an almost 


closed space, pt, exceeds 90 mm. and iodine melts to a mobile: 
liquid. Similarly, ice can be sublimed in a good vacuum below the triple point 
pressure and this makes it possible to dry substances by freeze-drying technique 5 
for example, the dehydration of frozen blood plasma under vacuum for preserva- 


tion. 
exceed one atmosphere, the 


For those substances re 
ion is automatically maintained and hence they pass directly 


condition for sublimation ally i c pas 
into the vapour state on heating. This is the case with solid carbon dioxide, —com- 


mercially known as ‘dry ice’ and extensively used for 
dors,—which passes directly into the vaporous state, 
js at over 5 atmospheres. 


The Sulphur System—Another one-component system which is 
slighly more complex than the previous one is the sulphur system, 
the phase diagram of which is shown in Fig. 83. AB is the vapour 
pressure curve of rhombic sulphur and BD that of monoclinic sul- 
phur, the point B (95.51°) being the transition point between the two 
allotropic forms. At B both rhombic and monoclinic sulphur have 
the same vapour pressure and so, can co-exist along with their vapour. 
Hence, the point B is a triple point. D (118.75°) is the melting point 
of monoclinic sulphur and DE is the vapour pressure Curve of liquid 
sulphur. The lines BF and DF represent the change in transition 
temperature and melting point respectively with pressure and these 
two lines meet at F (151°C, 1288 atm.). So, F is again a triple point 
where rhombic, monoclinic and liquid sulphur are co-existent in 


stable equilibrium. . ri OT 
The. transformation rhombic>monoclinic is rather slow and 
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so if rhombic sulphur is quickly heated it follows the curve BC and 
melts at C (112.8°), the point of intersection of the vapour pressure 
curves of rhombic sulphur and liquid sulphur both being extended 

in the unstable region. 
= However, these are essen- 
tially unstable systems tend- 
ing to revert to the stable 
forms, and hence they are 
neti represented by. dotted curves. 
There are in all three stable 
and one unstable triple 
points and nowhere there 
are four phases co-existing 
in equilibrium. 

The above behaviour 
of sulphur is in perfect ac- 
cord with the phase rule 
according to which the 
triple points should be mere 
points, i. zero-variant 
( F—C—P+2=1—349—0). 
However, when two phases 
are in mutual equilibrium 
(ie. along any of the lines, 

Fig. 83—Phase diagram of Sulphur AB, BD, DE, BF, DF & FG) 

the system has only one 
‘degree of freedom because here F=C_—P+2=1—9249=1, that is, 
either temperature or specific volume would determine the system 
completely and uniquely. These deductions from phase rule are 
thus in perfect accord with actual observations. 


_ VAPOUR PRESSURE 


TEMPERATURE 


The diagram also shows that under ordina: 
‘which separates on cooling liquid sulphur is the 


TWO-COMPONENT SYSTEMS 


Calcium Carbonate System—In this 
there are three phases. Therefore, the degr 
(F=2—3+42=1). This means that if one of 
(perature is kept fixed, all other variables su 
‘volume, etc. have to adjust themselves toa 
in agreement with our experience and also 
(P. 229). The same kind of arguments and r 


two-component system 
ee of freedom is unity 
the variables, say tem- 
ch as pressure, specific 
constant value. This is 


e vapour, 
r ) two liquid layers 
And vapour (P. 156) [vide also Table on P, 234]. 
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Phase Equilibrium of Salt Solutions—Phase Rule Considera- 
tions According to the phase rule, for a salt solution (the solution 
and the vapour), the degrees of freedom should have a value of 2, t.e. 
we can arbitrarily change any two of the variables, say, temperature 
and concentration. However, as soon as a solid phase separates, 
the system becomes univariant, i.e. if the temperature is fixed, all 
other factors viz., concentration and pressure, admit of no varia- 
tion. In other words, for each concentration of the solution there 
is a definite temperature at which a solid separates out of the system. 
And it does not matter which of the components (the salt, or ice, 
or any of their solid solutions or hydrates) separates as the solid phase. 
When the solid solvent separates, the solution is said to freeze, while 
on the other hand if the salt separates out, the solution is called a 
saturated one. We now proceed to discuss a typical simple system. 


Simple Freezing Point Diagram of Salt Solutions—If a dilute 
solution of a salt, say, potassium iodide is cooled, the solution begins to 


freeze at a temperature slightly 
lower than 0°C with separa- 
tion of pure ice since the F. P. 
of a solution is lower than 
that of the pure solvent. As 
more and more ice separates, 
the solution becomes gradually oe 
richer in the salt and the freez- 
ing point gocs on continually 
decreasing, since the freezing 7 

point of a concentrated solu= ||P “=F 5 GG OTETI | 
tion is lower than that ofa 1 COMB Teme | | 


K i 1 
dilute solution. Thus, there 1s 1 VA 
PERCENTAGE 100% | 


a progressive lowering of freez- oF 

ing point along the curve AG COMPOSITION OF SALT 

(Fig. 84) and on cooling 1ce Fig. 84Freezing Gurve o. 
until the Salt Solutions 


goes on separating 
composition, C is reached when | i 
the solution becomes saturated with respect to the solid salt. On 


abstracting more heat, the solution, C freezes as a whole at constant tem- 
erature unchanged in composition. This lowest possible freezing point 
of a solution at which the solution freezes ‘en masse’ is called the eutec- 
tic temperature, and the solid phase which separates during freez- 
tic point is hence, called an ‘EUTECTIG MIXTURE’ ; 
and in this particular case of a salt and water is called Scryohydrate’. 
that cryohydrates or eutectic mixtures are definite 
but this idea is ruled out on the grounds that 
(i) the salt and water are seldom present ina molecular ratio, (i) 
the composition of the cryohydrate is changeable with external pres- 
sure and (iii) the cryohydrates appear heterogeneous under the 


microscope- 


The eutectic point is an invariant point, similar to the triple 
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point in one-component systems ; this follows from phase rule because 
here C=2, P=4 and therefore, F=2—4+2—0. 

For KI solution, the eutectic point, C corresponds to 52% KI. 
if a solution stronger than 52% is cooled, it will freeze along the 
curve BC, but during the freezing the solid which separates is not 
pure ice but is pure potassium iodide. Since the solid salt is in 
equilibrium with the solution along BC, BC is evidently the solubility 
curve of the salt. The solution, therefore, gets increasingly poorer 
in KI until it reaches the temperature and composition correspond- 
ing to the point C along the curve BC. When the point C is once 
reached the solution freezes as a whole to form the cryohydrate. We 
may summarise the results as follows :— 

(i) Ifa dilute salt solution is cooled ice separation with progressive lowering of 
F. P. occurs until the eutectic point is reached, when it freezes as a whole. 


(ii) Ifa solution stronger than the eutectic composition is cooled, the salt Separates 
out during cooling until the eutectic composition is reached when it freezes as a whole. 


(iii) If a solution of eutectic composition is cooled, the solution freezes unchanged 
in composition at the eutectic temperature. 

The above is the simplest type of curve which is actually observed 
for many salt solutions, e.g. KCl—Water, NaCl—Water, AgNO,— 
Water, etc. where no hydrate separates as a distinct phase, as well as 
for many pairs of molten metals e.g. lead-silver, zinc-cadmium, etc. 
Many alloys are in fact, eutectic mixtures mixed with more or less 
quantities of one of the pure metals. 


Simple Fusibility Diagrams of Alloys—As mentioned in the 
previous section some alloys show the above type of simple freezing 
point diagram called fusibility diagrams for alloys. Fig. 85 shows 
such a diagram for the system bismuth-cadmium. 

The eutectic point in this system is 140°C and occurs at a com- 
position of 40 per cent cadmium. So if a liquid alloy containing 
less than 40 per cent cadmium is cooled, pure bismuth would separate 
along the line AC, until the eutectic composition and temperature, 
t.e. the point C, is reached. If a richer alloy is cooled, pure cadmium 
would separate along BC until the point C is again reached when it 
would congeal as a whole. If an alloy of eutectic composition be 
cooled, it would freeze as a whole at 140°C, The solid alloy if polish- 
ed, etched and examined under the microscope, would appear .as 
a conglomerate of tiny crystals of bismuth and cadmium closely 
intergrown into one another. 

MAGNESIUM—LEAD SYSTEM 
fusibility diagram, (Fig. 86) which has a maximum at the point C. 
Such maximum can be interpreted by the phase rule a 
ing to a definite chemical compound, in this case Mg,Pb, and the 
fusibility diagram is merely two simple fusibility diagrams combined 
into one, viz. that of Mg and Mg;Pb and of MgPb and Pb. The 


except that one of the constituents is no 
metallic compound. 
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Such phase diagrams are of great importance because many inter- 
metallic compounds have found important applications in electronic 
circuits, as alloys serviceable at high.temperature in aircrafts and 
space vehicles, as circuit components for memory-devices in com- 
puters and as superconducting materials for electromagnets of intense 
field strength. ` 

Zone Melting—Since the pure substance crystallises out along AC, an ingencous 
method of purification of a solid has been recently developed on this principle. The 
substance held inside a tube is melted in a thin section only and this thin zone is 
made to travel from one end to the other. After a number of such passes, the whole 
impurity gathers at the end last melted. This zone refining process is so efficient that 
germanium containing not more than one foreign atom in 100 million has been 
prepared by its application. 


EXERCISES 


1. State fully the action of heat on (i) calcium carbonate, and (ii) sodium 
bicarbonate. 

2. Describe the phenomena that you will observe when the following subs- 
tances are progressively cooled :—(a) dilute solution of sodium chloride and (b) a 
concentrated solution of sodium chloride. 

3. What is the difference between dissociation and decomposition? Tllus- 
trate your answer with reference to calcium carbonate and explain why the presence 
of free carbon dioxide diminishes the extent to which the dissociation of the substance 
proceeds at a particular temperature. 

4, Explain with illustration :—(a) Cryohydrate and crystalline hydrate (b) 
eutectic mixture ; (c) freezing mixture ; and (d) dissociation pressure. 

5. What do you observe on a manometer left connected to a desiccator in which 
is kept a quantity of blue vitriol? Explain the observations. 

6. Discuss the equilibrium between liquid and solid phase in a two compo- 
nent system and explain the practical application of your conclulion. 

7. State and explain the phase rule and illustrate its applications to the follow- 
ing systems :—(a) Iec—water-vapout ; (b) Freezing mixture ; (c) CaGO;=CaO0+CO, 
(d) Sulphur and its modifications. i 

8. State the Phase Rule and apply it to a system of one component, compris- 


ing more than one solid phase. 


PART III 
ELECTROCHEMISTRY AND IONIC EQUILIBRIA 


CHAPTER XVI 
ELECTROLYTIC DISSOCIATION AND CONDUCTION 


Electrolytes and Non-electrolytes—Pure water is a very poor 
conductor of electricity ; if sugar is dissolved in it, the solution is an 
equally poor conductor. Substances like sugar, urea, etc., which are 
thus incapable of conducting electricity are called non-electrolytes. 

In contrast with sugar, urea and the like, aqueous solutions of 
acids, bases and salts are fairly good conductors of electricity. Hence, 
acids, bases and salts are called electrolytes. The presence of water is 
not essential since many of these are typical electrolytes even in the 
fused state, or in non-aqueous solution. 

Though the electrolytes are fairly good conductors, they are far 
less conducting than pure metals. It is also found that solutions 
of weak organic acids and bases are very feeble conductors in com- 
parison with those of strong acids, strong bases and salts, and so, 
the former are called WEAK ELECTROLYTES, as opposed to the 
latter, called STROGN ELECTROLYTES. 


Electrolytes 
Non-electrolytes 
Strong Weak 
Sugar Strong acids Carbonic acid 
Weak acids 
Urea Strong bases (most organic acids) 


Alcohols All salts (with the exception | Ammonia 
ofa few and some Hg-Salts) Weak bases 


(most organic bases) 


Phenols 
HgCl,, Hg(GN)., ctc. 
Water 


etc. 


The passage of electric current through a solution of an elec- 
trolyte differs from metallic conduction in One important respect. 
When a current passes through a metal wire, there is no change ex- 
cept the heating effect, whereas on the passage of electricity through 
solutions of Salts, etc., chemical changes also take place on the elec- 
rode. pi pp ome of the passage of current through an 
e’ectrolyte and the accompanying chemical changes is known as 
ELECTROLYSIS, The basic difference between metallic) conduc- 
tion and electrolytic conduction is that in the former electrons carry 
the current, whereas in the latter ions carry the current, and so the 
passage of current is accompanied by transport of matter. 
palectzolyiic Dissociation—The forerunner of ionisation theory 
y a received serious attention was from the Lithunian scientist 
rotthus (1806) who assumed the electrolyte molecules to, be endowed) 
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with two poles—positive and negative—which align themselves along 
the lines of force and conduct current by a ‘bucket brigade’ type of 
mechanism. The credit of being the originator of the theory of elec- 
trolytic dissociation is generally attributed to Arrhenius (1887) for 
the reason that he not only postulated extensive Spontaneous dissocia- 
tion of electrolytes into ions which increases with dilution but first 
showed methods of calculating the extent of ionisation by a number 
of quite independent methods, which agreed fairly well amongst 
themselyes. Arrhenius however mistakenly supposed that even 
strong electrolytes are incompletely dissociated into ions, and their 
degree of dissociation changes with dilution, According to modern 
ideas strong electrolytes are practically completely ionised at all dilu- 


rions: Some typical ionizations as proposed by Arrhenius are shown 
elow. 


(a) NaCl= Nat++cL; (6) K,SO, == 2K++(SO,)-- 
(c0) CH,COOH = H++CH,COO- 
(d) H,SO, = H++HSO,- ; HSO,- > H++s0,-- 


Evidence in favour of the Theory of Electrolytic Dissocia- 
tion—The theory of ionization was strongly criticised during its early 
years based on the misconception that Nat ions could not remain 
free in water when Na atoms are known to be so reactive. This is very 
simple to understand now because the reactivity of the sodium atom 
resides on the lone electron in its outermost shell and the Na+ ion 
has no such electron (P. 414). Some evidences and arguments in 
support of the concept of ionization are presented below. 


(a) Solid crystals of all strong electrolytes, say of common salt, have been shown 
by X-ray analysis to consist not of NaCl molecules but of Nat and CI- ions, and 
in solution such a crystal would simply fall apart intoitsions. The strong lattice 
energy of crystals is overcome largely by the hydration energy of the ions. This 
is further helped by the high dielectric constant of water which reduces considerably 
the attractive force between positive and negative ions. 


This is the most convincing evidence in favour of the ionic concept. However, 
since the electrolyte already exists wholly as ions, so one can not meaningfully talk 
about dissociation of the electrolyte but only about ionisation and also RATA 
and dissociation of ion-pairs (vide P. 252) 


(b) Tubes containing solutions of metallic iodides on rapid whirling show the 
farthest end to be negatively charged due to 
the greater sedimentation rate of the large 
heavy iodide ion (Fig. 87). | ‘ 

(c) Some facts are very simply explained 
on the basis of the ionisation concept, for 
example ; (i) Abnormally high values of 
osmotic pressure end related (colligative) 
properties of clectrolytes(P. 203); (i) Heat of 
neutralisation of all strong acids and bases 
has almost the fame vane GA 14) ; con 

d) Theories based on the ionic con- $ ral 4 aT 
ant ae the theory of solubility product, Fig. 87. earth an 
Ostwald’s dilution law, Kohlrausch’s law, y : . 
Debye-Hückel equation, and the like have been highly successful in their respec- 


tive areas of study. 


16 
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Thus, the tiny speck of idea of ionic dissociation in its modified 
and elaborated form, has brought complete coherence in thinking and 
experiment in the whole realm of electrolytic solutions and so, may 
be said to have received general acceptance. 

Comparison of Electrolytic Dissociation with Gaseous Dis- 
sociation—The nature and characteristics of gaseous dissociation have 
already been discussed (P. 39). The chief points of similarities and 
dissimilarities are noted below— 

Similarities :—(i) Both of them are reversible processes. (ii) Both the processes 
lead to abnormally low values of molecular weight. 

Dissimilarities :— 

(i) The products of gaseous dissociation are neutral molecules while in the other 
case, they are charged ions. 

(ii) The products of gaseous dissociation can be rather easily separated by 


mechanical means, e.g. by diffusion, partial solution, etc. The ions cannot be so easily 
separated due to the strong attraction between the oppositely charged ions. 

(iii) Gaseous dissociation requires no medium but electrolytic dissociation needs 
the presence ofa medium (solvent); in fused salts the fused salt itself serves 
as the medium. 


Faraday’s Laws of Electrolysis—As a result of his experi- 
mental researches in connection with the passage of electricity through 
electrolytes, Faraday (1832) discovered the relationship between the 
amount of chemical action occurring on the electrodes and the 
quantity of electricity passing. He expressed his results in the form 
of two laws and these two laws together are known as FARADAY’S 
LAWS OF ELECTROLYSIS which may be stated as follows :— 


_ Law I. For the same electrolyte, the amount of chemical decomposi- 
tion produced at any electrode is proportional to the quantity of electricity pass- 
ing. (wo Qo Gt). 

Law I. If different electrolytes are included in the same circuit the 
amounts of substances liberated at the different electrodes are proportional to 
their chemical equivalents (i.e. equivalent weight). 

Faraday’s law is generally believed to be one of the exact laws in 
physical chemistry. In fact, if only ions carry the current, the total 
electric charge of the primarily discharged ions has to be equivalent to 
the quantity of electric current passing. So under this proviso it is 
a theoretical necessity at least for the primary reaction, and all observed 
deviations are generally ascribed to side reactions. The author has 
however recently brought to light many apparent deviations which 
appear difficult to be reconciled with Faraday’s law. The interested 
student may consult recent publications by the author in this field 
of non-Faradaic electrolysis. 

Consequence of Law I—Since the amount of an ion liberated 
at any electrode, symbolized w, is proportional to the quantity of 
current, (i.e. current strength x time, or Ct), we should have 

w=zCt ce a WE L6r 


where z is a constant characteristic of the ion liberated. If GC is in 
amiperes, ¢ in seconds, the value of the constant z for any ion is called 


= *. oo 
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its electrochemical equivalent (i.e. E.C.E.). It is thus clear 
that w=z when C=1 ampere and t=1 second ; in other words, z (i.e. 
E.C.E.) of any substance is equal to the weight in grams of that sub- 
stance liberated at any electrode by passing one ampere for one 
second (i.e. one coulomb), provided no disturbing side reaction occurs. 


Consequences of Law II—There are three important conse- 
quences of Law II considered jointly with Law I. (2) Firstly, since the 
amount of decomposition is proportional to the chemical equivalent 
(Law II) as also to the electrochemical equivalent (eqn. 16.1), we 
should have 
Electrochemical Equivalent of A (za) _ Chemical Equivalent of A 9 
Electrochemical Equivalent of B (zg) Chemical Equivalent of B i 

ien AA (Chet. Eou A TES 
wg chem. Equiv.)s 
(ü) Secondly, if A is any element or compound and B is hydrogen, 
equation 16.2 reduces to 
ZA=ZHydrogen X Chemical Equivalent of A .. +. 16.4 


(iii) Since the amount of decomposition is proportional to the 
chemical equivalent, it follows that the same quantity of electricity 
would be required to produce one gm equivalent of any substance, 
element or compound, by electrolysis. This quantity of electricity 
which can liberate one gm equivalent of any substance is called 
ONE FARADAY OF ELECTRICITY, usually symbolised as F, and 
its value in practical units is 96,500 coulombs -or 26.8 ampere-hours 
per gm equivalent. [For significance of (F), vide P. 244). 


Since one Faraday liberates one gram equivalent, it follows that 
£.C.E. by definition, would be equal to equivalent weight divided 
by Faraday, i.e. 

Equiv. wt _ Equiv. wt. 
E.C.E. (z)= F 96,500 


This equation comes handy for calculating z theoretically. Note that 
Hydrogen 1S 1/96,500 (=0.0000104). 

Exampre 1. Assuming the clectro-chemical equivalent o silver to be 0.001118, 
find the same value for oxygen (Ag=108). 

From equation 16.2, 

E. Ch. Equiv. of O,__ Chem. Equiv. of O, 8 0.0741 

E. Ch, Equiv. of Ag Chem. Equiv. of Ag 108 4 

Or Electrochemical Equiv. of O.=0.001118 x 0.0741 =0.0000828. 

EXAMPLE 2. What weight of copper is deposited by a current of 6.2 amperes flowing 
Sor half an hour through a blue vitriol solution (E. Ch. Eq. for H,=0.0000104 ; Gu=63.5). 


E. Gh. Eq. of Gu(z)=Gh. Equiv. XE. Ch. Equiv. of H, (eqn. 16.4) 
=31.75 x 0.0000104. 


w=z..t.=(31.75 x 0.0000104) x 6.2 x (30 x 60) =3.685 gms. 


. EXAMPLE 3. A current passes through two cells containing respectively (i), copper sul- 
„bhate solution between copper electrodes and (ii) silver nitrate solution between platinum electro- 


co 16.5 
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des. Galculate the loss or gain in weight of the different electrodes in the time in which 40 e.e 
of oxygen at N.T.P collects in the second cell (Ag=108 ; Cu=63.5) f 
w,_ Z;__ (Chem. Equiv.), (Chem. Equiv.) 


We have eqn. 16.3, @ Za (Chem. Equiv.); Or, W, 2X (Ghem. Baila 


i 2.4 litres of oxygen weigh 1 mole i.e. 32 gms of oxygen, 
sac ect of cena (32 x 40) +22,400=0.0571 gm. 


weight of silver deposited =0.0571 x (108/8) =0.778 gms. 
weight of copper deposited =0.0571 x (31.75/8) =0.228 gms. 
weight of Cu dissolved out=wt. of Cu deposited =0.228 gms. i 
EXAMPLE 4. Can you calculate mentally approximately how much current is necessarp 
to produce hydrogen gas at the rate of 1 c.c. per sec. P 


= -hour) liberates one equivalent weight=3> 
aa Oise Heras qe ae NTP. Hence at Toon peri erates orci 
mately 2 amps.-hours are necessary per litre of gas. Now ,1 c.c. per sec. is 3.6 litres 
per hour, to produce which about 3.6 x2=7.2 amperes will be necessary. 

The Significance of Faraday’s Law—The most remarkable 
feature of Faraday’s Law is that the amount of electrolysis depends 
only on the quantity of electricity passing through and so, we need 
not care to know the size and shape of the vešsel or the electrodes, 
the temperature, the pressure, the voltage, or current strength or any 
other factor except the quantity of current (i.e. ct) and the chemical, 
equivalent of the product. This marvel of simplicity is however quite 
easy to understand in the light of later knowledge. 


An equivalent weight of any monovalent element contains N 
(Avogadro Number) atoms and the charge of any monovalent ion is. 
equal to the electronic charge, e. Therefore, one Faraday of electricity 
which liberates one equivalent weight must be equal to Ne. 


., F=Ne on oe -- 16.6 


So a Faraday contains the same number of unit charges as the num- 


ber of molecules in a mole. Hence, a Faraday (F) may be called 
a MOLE OF ELECTRICITY. 


Current Efficiency—In most commercial electrolytic processes. 
the yield of material is always less than the calculated quantity. This. 
is not due to a breakdown of Faraday’s laws but due to various side- 
reactions or distrubances which may be taking place on the electrodes. 

This ratio of the yield obtained in an electrolytic process to the 
theoretical yield calculated on the basis of Faraday’s laws is calledi 
the current efficiency. In technical processes the current efficiency: 
varies within wide limits. In the electrolytic copper refining: process. 


it is about 92 per cent while in the alkali chlorine cells it varies from: 
50 to 100 per cent. 


Specific Conductivity—In the science of electricity in order to 
make comparison of the electrical resistance of different substances, 
the idea of specific resistance has been introduced. Specific resist-. 
ance is defined as the electrical resistance offered between the oppo- 
site faces of a unit cube. The reciprocal of resistance is called con- 
ductivity and therefore, the reciprocal of specific resistance is called: 
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specific conductivity or specific conductance. Therefore, the specific 
conductance is defined as the electrical conductivity between the opposite 
faces of a unit cube. Throughout this book the specific conductivity 
will be denoted by « (Kappa), and its unit should be (see example 5) 
reciprocal ohms per cm. commonly called mhos (ohm read backwards) 
per cm. 


Examere 5. A decinormal solution of sodium acetate when placed between two electro- 
des each 1.5 cm. square and placed at a distance of 0.72 cm. has a resistance of 52.4 ohms. Cal- 
culate its specific conductivity, 

‘The relation between the dimeħsions of a conductor and its electrical 
resistance is 

r A 5 Length 67 

Observed Resistance=Specific resistance X Kea oo -= 16. 


A : 0.72 
Inserting values, we have, 52.4=Sp. resis. X ESAT 


5 
or Specific eine e ohms-cm. 


-or Specific conductivity=[l/specific resistance=0.0061 mhos/cm. 
Note the units of specific resistance end specific conductivity. 


Equivalent and Molar Conductivity—Equivalent conduc- 
tance of an electrolyte is defined as the product of the specific conductivity 
of the solution and the volume in c.c. which contains 1 gram equivalent of the 
electrolyte. It may also be defined as the conductivity of a solution, 
‘containing 1 gm-equivalent of the electrolyte, when placed between 
two electrodes one centimeter apart. It is usually denoted by 4 


Sometimes, the term, MOLECULAR CONDUCTIVITY (de- 
noted by u) is used for comparison among different electrolytes. 
Molecular conductivity (u) is defined to be equal to sepeific conductivity 
multiplied by that volume of solution in cc, which contains one gram molecule 
‘(formula weight) of the electrolyte. For salts whose equivalent weight 
is equal to the formula weight, the equivalent conductivity and the 
molar conductivity have the same value. ; 

If a solution is of concentration c (i.e. c gm. equivalent per litre), 
‘then the volume in litres which contains one gram equivalent of 
‘solute is 1/c. Therefore, volume (V) in cc containing 1 gram equi- 
valent of solute is=(1/c) x 1000. Therefore, 

xX 1000 

C 


Equivalent conductivity, 4 =xV= 16.8 


where « is the specific conductivity of a solution of concentration, 
‘c, ie, c gm. equivalent of the electrolyte per litre. This equation 
is very important and useful for solving numerical problems. It is 
to be noted that since « isin mhos per cm and volume is in cc, the 
‘equivalent conductivity which is their product should have the unit 
mhos cm?/gm equivalent. 

Exampre 5. A N10 solution of KCL has a specific conductivity of 0.01119 mhos 
cm-', Find the equivalent conductivity. 


Therefore, 4 ios = Ou Ds 1000 111.9 units (mhos cm?/equiv.) 
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Relative Speeds of the Ions—The amounts of the cations and 
the anions liberated at the respective electrodes are indeed in equi- 
valent quantities, but the fractions of the current carried by the 
cations and by the anions are not necessarily equal because of their 
unequal speed. Hittorf (1853-59) carried out extensive experiments 
in this field and his ideas and results are discussed below. 

In the figure, the positive ions (cations) and the negative ions 
(anions) are represented by (+) and-(—) signs respectively. The 


ANODE CATHODE 
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Fig. 88—Migration of Ions. 


condition before electrolysis is shown in I, an equal number of posi- 
time and negative ions being present uniformly throughout the solu- 
tion. For convenience, the electrolyte is divided by two imaginary 
partitions represented by dotted lines into three compartments, the 
cathode compartment, the central compartment, and the anode com- 
partment. Each compartment is shown to contain 5 positive and 
5 negative ions, i.e. 5 complete molecules. 


Suppose on establishing the electric field, only the positive ions 
move and not the negative ions, and let the current be continued for 
such time that each cation marches only three steps forward, i.e. 
three cations cross each partition. The condition is represented by 
Fig. 88-II. Each compartment should be electrically neutral and so. 
not only the three cations will be discharged on the cathode but also: 
the three anions which are left without partners at the anode com- 
partment will be discharged on the anode. Thus, though the anions 
have not migrated electrically, nevertheless, these ions have been 
liberated on the anode just the same. Further, the concentration of 
the electrolyte at the cathode compartment has not changed and only 
the anode compartment has suffered a fall in concentration, 


Next suppose that both the ions move at equal rate ; and then whilst, 
say, two anions have crossed the partition in moving towards the 
anode, two cations will move in the opposite direction towards the 
cathode. The condition will then be represented by Fig. 88-III. 
The point to note is that the fall in concentration round each electrode is 
to the same extent, and the number of ions liberated on each electrode is. tha 
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same and is proportional to the sum of the speeds of the cation and 


the anion. 
Now, suppose that th 


e cations move twice as fast as the anions. 


Then, while two anions cross each partition in moving towards the 


anode, four cations have migrat 
site direction. 
point to note is that the numbe 
is still the same and is proportiona 
and the anion ; but, the decrease 


5 ed across the partitions in the oppo- 
This is represented in Fig. 88-IV. The interesting 
r of ions deposited at each 


electrode 
1 to the sum of the speeds of the cation 
in concentration round the anode is double 


the decrease in concentration round the cathode. 
From the above discussion we are warranted to draw the follow- 


ing conclusions :— 

(a) The quantities o. 
electrolysis are in equivalent 
speeds of the different ions, an 
speeds of the cation and the 

(b) The decrease in conc: 


d 


f ion liberated at each electrode, due to 
amounts, independent of the relative 


are proportional to the sum of the 


anion. 
entration round an electrode is propor- 


tion to the speed of the ion leaving it, i.e. 


Fall in concentration round cathode speed of anion _ 2 


16.9 


Fall in concentration round anode speed of cation 


s that 
only 


__ A further point to note i 
in concentration and the 


u 


the central portion suffers no change 
change in concentration that takes 


place on electrolysis is in the vicinity of the electrodes. 


mbers—We 


Transport Nu 
d the anions 


that the cations an 


the electric current since they move w. 
rrent carried 
NUMBER (or HITTORF” 


tion of the total quantity of cu 
is called the TRANSPORT 
of that ion. 
tional to its speed. Therefore, 
and the anion are t, and t- res 
v respectively, we have t © u 3 (a 
=. u . 

B= eg? 

1 


ty 


Transport 
number of 
cation, 18°C 


Electlroyte 
N/10 solution 


Hl | 0.835 
KOH 0.265 
LiCl 0.313 
KCI 0.495 
CuSO 0.471 
AgNO, 0.373 
CdI, 0.710 


Pe 2 Ee ee ee 
Similarly, in KOH solution, th 
fourth of the current. 


Evidently, the transport n 
if the transpor 
pectively and 


have shown in the previous section 
do not take equal share in carrying 
ith unequal speeds. The frac- 
across by a particular type of ion 
S NUMBER) 
umber for any ion is propor- 
t numbers for the cation 
their speeds are u and 


oc v ; and therefore 
16.10 


16.11 


Transport number gives a fair- 
ly good idea of the relative speeds 
of the cation and the anion ; it 
tends to become equal for the two 
jons as the temperature rises. It 
is to be noted from the adjoining 
table that in HCI solution the hy- 
drogen ion is much faster than 
chloride ion, so much so, that the 
former is responsible for carrying 
over four-fifth of the total current. 

e hydroxyl ion carries nearly three- 
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The concept of transport number is rather dificult. The student 
should try to understand it in the following simple way. Suppose 
we have a solution of say, NaCl in a long horizontal tube and send 
a current from left to right. Let 100 ions of Na+ get discharged at 
the cathode and of course 100 ions of Cl- get necessarily discharged 
at the anode. If an imaginary partition is conceived of at any place 
in the tube, a total of 100 ions must cross it of which say, 40 ions are 
Na+ crossing the imaginary partition from left to right and 60 ions 
are Cl- from right to left. So 0.40 is the transport number of Nat 
and 0.60 is the transport number of Cl- ions. 

Experimental Determination of Transport Number—Trans- 
port number is determined either by Hitlof’s method or by the Moving 
boundary method, and only the former will be described here. From 
equations 16.9 and 16.10 it follows that a measurement of the fall in 
concentration round the electrodes may serve well for the determi- 
nation of transport number. But usually, in practice, the pheno- 
menon is more complicated and allowance has to be made for secon- 
dary reactions on the electrodes. 

The usual form of transport number apparatus used in the labo- 
ratory is shown in Fig. 89. The apparatus consists of a two-limbed 
vessel connected by a narrow straight tube. The longer tube is pro- 
vided with a stop cock at the bottom for withdrawal of the solution 
and is usually made the anode. The electrodes are metallic in the 
form of a spiral and pass through glass tubes sealed at the mouth, 
just allowing the spiral portion to project out in the solution. 

For the determination of the transport 
| number of the ions of silver nitrate the elec- 
trodes are made of pure silver and the elec- 
trolyte is a standard dilute solution (less than 
decinormal) of silver nitrate. In series are 
B A connected a silver voltameter, a rheostat, a 
battery and sometimes also a milli-ammeter. 
On the passage of current (10—15 milli- 
amperes) for 2—3 hours, silver is transported 
from the anode compartment due to the move- 
ment of the cations (Ag+ ions) towards 
cathode, but the anode itself is dissolved out 
by the anions (NO,~ ions) resulting in a net 
increase in concentration round anode. 

Observed increase of Ag near anode 

=[Ag dissolved out from anode] — 

[Ag migrated from anode compartment] 
The amount of silver dissolved out from the 
Silver electrode anode is the same as that observed to be depo- 

sited in the silver voltameter in series (or is 

easily calculated from Faraday’s law, w=zct). 

The amount of silver migrated from the anode ' 
Fig. 89—Transport towards the cathode is hence easily calculated. 
Number Apparatus This quantity of silver migrated divided by the 

total quantity of silver deposited in the volta- 
meter is the transport number of the silver ion (vide Example 8). 
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Sn Abnormal Values for Transport Number—For some salts the values of 
ranp number arc abnormal in the sense that they are very high, even greater 
maa unity for the cation and so, they are negative for the anion. In other words, 
the grtalie part instead of migrating towards the cathode migrates towards the 
E e. This is ascribed to the formation of complex ions. In cadmium iodide, which 
exhibits abnormal values for transport number in concentrated solutions, it is usually 
assumed that the solution ionises as 2CdI, == Cd** +[CdI,]— andso cadmium 
migrates both towards the cathode and the anode giving negative values for its trans- 
pore number. In fact, evidence from transport number determination constitutes 
a very definite proof for the existence of complex ions. 

Experimental Determination of Specific Conductivity—The 
well-known Wheatstone’s meter bridge method is not suitable for the deter- 
mination of specific resistance and specific conductivity of solu- 
tions. Because, the passage of current will be accompanied by the 
products of electrolysis accumulating on the electrodes which will 
change the effective resistance between the electrodes and will set up 
a counter E.M.F. Kohlrausch avoided this difficulty by using alter- 
nating current (A.C.) between platinised platinum electrodes so that 
the polarising effect of the products of electrolysis due to the current 
in one direction gets neutralised by the effect of the current in the 
‘other direction. The use of alternating current would necessitate 
the replacement of the galvanometer by a telephone, as the latter 
responds to alternating current. Thus the condictions of success are— 

(a) The use of an induction coil, or any alternating current generator instead 
-of a battery. 

(b) The use of a telephone, instead of the galvanometer as current detector. 
n should be contained in a cell containing platinised 


(c) The electrolyte solutio: 
platinum electrodes. 


Fig. 91—Conduc- 
tivity Cell. 


It is an 


ordinary Wheatstone bridge arrangement with the modifications just 
in the gap X, 


Fig. 90—Determination of Conductivity 
of sc lutions. 


The arrangement of apparatus js shown in Fig. 90. 


referred to. The solution is contained in special cells i 
while a standard variable resistance is placed in the gap R. 4 nC 
alternating current of usually 500—1000 cycles per sec. is obtained 
from an induction coil (I.C-) operated by a small battery., ab is a 
uniform platinum wire stretched along a scale graduated in milli- 
meter. The telephone is connected to 2 sliding contact and the 
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binding screw in between the solution (X) and the standard resist- 
ance (R). Sometimes, the positions of the induction coil and the 
telephone are interchanged. On completing the circuit, a buzzing 
sound is produced in the telephone. The sliding contact is then 
moved along the wire until the point of minimum sound is obtained. 
The lengths a and b are read off the scale and the resistance of the 
solution, p is calculated from the following equation. 


+ Resistance of solution, p a 
WAGE HE CCLRC re resistance, Rb 


Since the conductivity of a solution rapidly increases with tem- 
perature (about two per cent per degree), the cell should be placed 
in a constant temperature bath. Also, twice-distilled water (called 
conductivity water) should be used throughout. 


Different forms of cells are in use ; a common form is shown in 
Fig. 91 which consists of a cylindrical vessel, in which two electrodes 
made of stout platinum foil are placed. The electrodes are of large 
area and are coated with platinum black, deposited on it by 
electrolysis of platinic chloride solution. Connections are made by 
platinum wires fused through glass tubes, which are sometimes 
movable so that the relative distance between the electrodes may be 
changed. 


Calculation of Specific Conductivity from Experimental 
Data—From the observed resistance, p the calculation of: specific 
resistance and specific conductivity can be made if the area of the electrodes 
and the distance between them be accurately known (vide Example 5). 
But the usual procedure is to calculate a factor for each cell called 
CELL-CONSTANT (denoted by K) the product of which and the observed 
conductivity gives the specific conductivity. 


Specific Conductivity=Observed Conductivity x Cell constant 
16.13 


The cell constant is known by determining the conductivity of 
a solution of say, N/50 KCl, whose specific conductivity has been 
accurately determined by Kohlrausch and its « value is 0.002768 
mhos per cm at 25°C. 


16.12 


If the observed resistance with N/50 KCI be p,, from eqn, 16.13 
we have the cell constant, K=p, 0.002768. The cell constant being 
thus known, it is easy to obtain the specific conductivity of any solution 
from observed conductivity, 1/p by using eqn. 16.12 & 16.13. 


1 b 1 
$ RAG oa R 


where p is the resistance (i.e. conductivity is 1/p) of the solution. 


16.14 


N.B.—(i) It should be noted that the cell constant is roughly equal to inter- 
electrode distance divided by mean area of the electrodes. (For proof vide Excercise 
21, end of this chapter). 

Gi) According to egn 16.13, the lower the cell constant, the higher is the obserbed 
conductivity and so, for weak electrolytes a conductivity cell having a small cell- 
constant should be used. 
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Variation of Conductivity with Dilution—K 

, > i —Kohlraush deter- 

oe: pr pa conductivity, « and equivalent Sine 
a number of e ectrolytes at various dilutions. T i 

(18°C) is compiled from his data. in memes, 


I ge fe conductivity of an electrolyte continually decreases with 
‘or not too concentrated solutions (vide Table). For weak 
electrolytes, such as acetic acid, this is primarily due to`the fact that 
though the total number of ions increases with dilution owing to 
increased dissociation, the number of ions per c.c. decreases result- 
i in a diminution of specific conductivity. For strong electro- 
cea dilution causes not only decreased ion concentration but also 
ess interionic attraction (vide P. 252). The former factor tends to 
decrease the conductivity whereas the latter factor tends to increase. 
and the net effect is a fall of specific conductivity. j 


Normality | Specific Conductivity, | Equivalent Conducivity, A 
| KCl l CH3COONA CHCOOH | KCI | cu,coona | CHCOOH 

1 0.0982 0.0412 Te eo ees 
01 0.05115 0.0247 0.001005 102.3 | 49.4 2.01 
001 0.01119 0.00611 0.00024 111.9 | 61.1 2.30 
0.001 | 0.001225 0.000702 0.0001 #3 122.5 70.2 14.3 
0.000 0.0001276 | 0.0000752 | 0.000041 127.6 | 75.2 41.0 

-0001 | 0.0000129 0.00000768 0.0000107 | 129.5 76.8 107.0 


dil The equivalent conductivity (4) however continuously increases with 
ilution (Fig. 92) until it attains a limiting value, when on further dilu- 


ae the value of equivalent conductivity does not change. This 
imiting value of equivalent conductivity is called the equivalent con- 
For weak electrolytes 


ene at infinite dilution and is denoted by Ao- i 
is limiting value can not be experimentally observed owing to: 
experimental difficulties and is usually calculated from Kohlrausch 


aw, 


Degree of Dissociation from Conductivity Data—The con- 


Uctivity of a solution depends upon (i) the total number of carriers 
or ions, (ii) the charge or valency of the ions and (ii) the speed of 
the ions. For the same electro- 

lyte, therefore, the variation of 
equivalent conductivity with: 
dilution is due to the change 
in the total number of ions 
produced by the dissociation 
of the electrolyte, since Arrhe- 
nius assumed that the speeds of 
the ions did not vary with dilu- 
tion. He assumed that as the 
solution gets diluted, more ions 
Fig, 92- : are produced due to increased 
6292 hange ot EO Conduc- dissociation of the electrolyte, 
i wee until finally it gets completely 


Eagtewatent conducttonty A 


j 
$ 
H 
i 
i 
i 
i 
; 
! 
j 
' 
H 
i 
: 
3 
4 
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dissociated into ions, when the equivalent conductivity reaches its 
limiting value (49) and does not further change with dilution. 
~Since the equivalent conductance is proportional to the total 
number of ions, and 49 singnifies complete ionisation, we have 


oat y A GE 
Ao 

where a is the degree of dissociation at a dilution where 4 is the equi- 
valent conductivity. This is a very important relation and is much 
used for calculating the degree of dissociation, a (P. 203) of weak 
electrolytes. The validity of this calculation for the degree of disso- 
ciation, a is questionable in the case of strong electrolytes (vide next 
section and Ch. XVII) and the value of a thus determined, is hence 
better called ‘conductance ratio’ in such cases. 

Dissociation of Strong Electrolytes—The above view of 
Arrhenius regarding the increase of equivalent conductivity of a 
strong electrolyte with dilution as due to an increase in its degree of 
dissociation is hardly given any credence nowadays. We now know 
from X-ray evidence that a strong electrolyte even in the solid crystal- 
line state is an ordered assembly of ions without any existence of 
neutral molecules. This is also in accord with our idea of electro- 
valency. Such solids when dissolved in water or solvents having high 
dielectric constants would continue to remain as they were in the 
solid state z.e. would remain completely ionised. The high dielectric 
constant of the solvent would naturally decrease the force of attrac- 
tion between the positive and the negative ions and would thus help 
the ions to fall apart. This would be further assisted by the solvation 
-of the ions by the solvent (hydration in the case of water). 

It is hence believed that strong electrolytes are completely ionised 
at all dilutions. The variation of conductivity with dilution is attri- 
buted to strong INTERIONIC ATTRACTION. A positive ion 
is retarded in its motion by the negative ions and vice versa, and eviden- 
tly this interionic effect decreases with dilution. Hence, the equi- 
valent conductivity increases with dilution and attains a limiting 
value in sufficiently dilute solution, when the effect of interionic 
attraction becomes negligible. That the interionic attraction is a 
powerful force to be reckoned with is indeed convincingly brought 
home if we realise that the electrical attraction between only one 
gram atom of sodium ions and one gram atom of chloride ions when 
separated by the maximum possible distance on the earth (i.e. on 
diametrically opposite ends of the earth) is still equal to a few ton’s 
weight. 

Thus, the term “dissociation of strong electrolytes” is meaning- 
less, and most authors avoid its use ; we can hence speak of ionisation 
of sodium chloride but not dissociation of sodium chloride. However, 
complete ionisation does not preclude the possibility of incomplete 
dissociation due to ION-PAIR FORMATION, particularly for high- 
valent ions and at higher concentrations. However, an ion-pair say 
NatCl- is by no means the same as the molecule NaCl ; the latter 
can not and does not exist. 
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The effect of interionic forces has been calculated by Debye and 
Hiickel and later workers ; and complicated mathematical expressions 
for conductivity and activity of strong electrolytes have been derived 
after taking into account the various factors involved. A discussion 
of these is beyond the scope of this book and will not be further- 
pursued. 


Kohlrausch’s Law—From the foregoing it is to be expected that 
the total current conveyed by one gm. equivalent of an electrolyte 
would be the sum of the amounts of current conveyed by the cations 
and the anions respectively independent of each other and of the 
dilution, provided that the electrolyte is present in the fully ionised 
state and the solution is so dilute that the effect of interionic attrac- 
tion is negligible. Kohlrausch (1876) from his extensive experimental 
work also came to the same conclusion konwn as KOHLRAUSCH’S 
LAW OF INDEPENDENT MIGRATION OF IONS which may be 
stated as follows—The equivalent conductivity at infinite dilution of an 
electrolyte is equal to the sum of the ionic conductances of its constitutent tons, 


A= Fàs ++ + (Kohlrausch’s Law) =» 1616: 
where A, and A, in the above equation refer exclusively to the cation 
and the anion respectively and are called IONIC CONDUCTANCE. 
This law of Kohlrausch is particularly useful in calculating equi- 
valent conductance at infinite dilution (49) for weak electrolytes 
e.g. acetic acid, etc. for which a direct determination is not possible 
due to their low conductivity (vide Example 7). 

EXAMPLE 7.—The equivelent conductivity at infinite dilution Ao for sodium acetate, hydro- 
chloric acid and sodium chloride is 78, 354 and 109 respectively. Calculate Ao for acetic acid. 
From Kohrausch law we have (i) ANat+ACGH,GOO-=78 
(ii) AH+-+ACI-=384 and (iii) ANat+-ACI-=109. 
Adding (i) and (ii) and substracting (ii) we obtain Ao for acetic acid 
= AH++ AGH,GOO-=353. 


Experimental Determination of 


< Ao—The experimental determination of 
Ea ‘Ao depends on the property of strong 
‘£150 3 

$ electrolytes, first pointed out by 
T Kohlrausch, that at high dilution the 
E SODIUM CHLORIDE equivalent conductivity, 4, when plot- 
čo ted against the square-root of concentra- 


tion, yc, gives a straight line (Fig. 93) 
which meets the zero axis of concentra- 
tion at Ao the equivalent conductivity 
at infinite dilution. In other words, 
at high dilution, 4) and c are related 
ACETIC ACID by the equation, 

A=Ao—kv- see 16.17 
EE N equIVALENTS/LITER) Ao is hence experimentally determined 
by extrapolation of the 4 versus a/c curve 
for strong electrlolytes to zero concentra- 
y such limiting value 


EQUIVALENT CONDU! 
8 


Fig. 93—Extrapolation of Ao 
versus s/c 


tion. However, 4 is not observed to attain an 
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with dilution for weak electrolytes ; this is also shown for acetic and 
in Fig. 93. So 4, for weak electrolytes cannot be experimentally 
-determined but has to be computed with the help of Kohlrausch law 
as illustrated in Example 7. 

Tonic Conductance, \—The values of ionic conductance A 
(also sometimes called limiting ionic mobility or simply ion mobility) 
-are evidently proportional to the speeds of the ions. 

SAAE CLUS RA glia: 


<. Transport number, f;=—— = —-=— Pe Eke 


or A,=tyf49 3 Similarly, Ag=t_4o ne) 116.19 


‘So we arrive at the very useful result that ionic conductance is merely 
the product of the transport number and equivalent conductivity at 
infinite dilution. These two equations are useful for calculation 
-of ionic conductances (mobilities*). Some typical values are collected 
in the following table (25°C). It may be observed that the mobi- 
lities for H+ and OH- ions are very high in comparison with those 
-of the other ions. This is due to the fact that, the current is trans- 
ported in these cases by ‘proton jump’ mechanism instead of the 
usual ion transport mechanism (Hittorf mechanism). 


IONIC ConpucTaNces AND Tonic MoBILITIES or Some Ions AT INFINITE 
Dizution at 25°C.* 


3 Àe Mobility, U Àa Mobility, V 
| Cation mhos cm.*/sec. volt Anion mhos cm ĉ/sec volt 
Hr 349.8 0.00362 OH- 197.6 0.00205 
K+ 73.5 0.00076 ¿SO 79.8 0.00083 
NH,+ 73:4 0.00076 Gl- 76.3 0.00079 

Agt 61.9 0.00064 

Catt 59.5 0.00062 NO, 71.4 0.00074 
Mgt 53.1 0.00055 HCO,- 44.5 0.00046 
Nat 50.1 0.00052 CH,GOO- | 40.9 0.00042 


*At present a confusing situation exists in the use of the term “MOBILITY as 


some authors use it for À and others for U and V. 

Absolute Velocity of Ions (Ionic Mobility*)—It is the velocity 
.of an ion in cm per second when it moves under unit potential gardient. 
So, the unit of absolute velocity is cm per sec per volt per cm, ie. 
cm? per sec per volt. Since the amount of electricity transported 
‘by an ion is proportional to its ionic conductance, A and is also pro- 
portional to the absolute speed of the ion, U or V, it follows that 
À is proportional to the speed of the ion. It has been theoretically 
deduced that the proportionality constant is F. So we have the 
following relations— 

M=UXF; w=VXF .. U=), |F and V=), [E  .. 16.20 

and so, Ap=Act%=(U+V)F bs s. 1621 
-where U and V are the absolute velocity of the cation and the anion 
respectively and F stands for one Faraday of electricity (96,500 
coulombs). 
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Leaving out H+ and OH- ions which are much faster, most of 
the ions have mobilities in the range of 4—8x10— cm. (ie. a few 
microns, p) per sec. per unit potential gradient. In other words, 
an ion has speed of the order of 1 cm. per hour under 1 volt per cm. 
(roughly, the speed of the tip of the hour hand of a watch). 

Applications of Conductivity Measurements—Since conducti- 
vity is a quantitative measure of the number of ions present in a 
solution, it finds varied applications in research and industry wherever 
electrolytes are involved. Some typical examples are discussed 
below :— 

(i) Solubility of a sparingly soluble salt—This is determined 
by a direct aplication of equations 16.3 and 16.11. Remembering 
that the equivalent conductivity at such high dilution is 4, according 
to equation 16.3 we have for a dilute saturated solution, 

„ —£X1000 r eat X 1000 

Ao č Ao 
where « is specific conductivity. But 49 is known from Kohlrausch’s 
law, Ap=ActAg Ac and Aq are known from Tables or separately 
determined from experiments with suitable salts and x is experiment- 
ally measured and so we know ç, the solubility of the salt in question. 


_ EXAMPLE 8.—The specific conductivity of a saturated solution of silver chloride” 
fs pee mhos. Find its solubility and solubility product, using the mobility data on 
. 254, 


A= AAgt+ACI-=61.9+-76.3=138.2 
But 4 =k x 1000/c or 138.2=1.36 x 10-* x 1000/c 
*. Solubility of AgGl, c=1.36 x 10-® x 1000/138.2=1.0 x 10-5 
Solubility Product (vide P. 268, Eqn 17.16) =c?=1.0 x 10-9 

(ii) Conductometric Titrations—If an acid is titrated with a 
base, the fast moving H+ ions get replaced by the cation of the base. 
For example, on titrating HCl with NaOH, the H+ ions, 
which have extra-ordinary high mobi- ; 
lity, are progressively replaced 
by the much. slower Nat ions in 
course of the titration. As a result 
of this, the conductivity of the solu- 
‘tion decreases, and attains a mini- 
mum value at the neutralisation 
point. Beyond the equivalence 


A 


STRONG 


point the conductity again increases 
as more electrolyte is now added to 
the system. So, if we plot the con- 
ductivity of the solution in any arbi- 
trary unit against the volume of 
alkali added, the curve would look 
like two straight lines meeting at the 
equivalence point as shown in Fig. 94 


CONDUCTANCE (— 4) 


, 
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Fig. 94—Conductometric 
Titration. 


This behaviour can be utilised for locating the end point in volu- 
metric analysis for, we may determine the conductivity of a few 
solutions before and also beyond the equivalence point, and draw 
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two intersecting straight lines as shown in Fig. 94. The volume cor-- 
responding to the point of intersection gives the equivalence point. 


This method can also be applied for locating the endpoint in 
the titration of coloured or turbid solutions, and very weak acids 
or bases (Fig. 94) ; and in precipitation reactions. The location of 
end point by electrical methods is called electrometric titration and 
so, conductometric titration is a type of electrometirce titration. 


(iii) Other Applications—Among other applications are the 
determination of hydrolysis constant of salts (vide P. 267), the deter- 
mination of the rate of a reaction involving at least one electrolyte 
(for. example, hydrolysis of acetic anhydride), the determination of the 
jonisation constant of water (vide Ch. XVII, P. 262), control of the 
purity of water and of various industrial processes, etc. ; for details 
of which the student is referred to a more advanced text-book. 

EXAMPLE 9. In a transport number experiment, a solution of silver nitrate containing: 
0.0074 gms. per gm. of water was used. During the experiment 0.0785 gm. of silver was 
deposited in a silver voltameter placed in series with the transport apparatus. After the expt. 


25 gms. of the anode solution contained 0.2553 gm. silver nitrate. Find the transport number 
of silver and nitrate ions. The electrodes are of silver. 


Before expt. 25 gms. of water contained 0.0074 x 25=0.185 gm. of silver nitrate. 
After expt. 25 gms. of soln. contained 0.2553 gm. of nitrate. 


.. Increase in silver nitrate at anode=0.0703 gm.=0.0446 gm. of Ag. But 
0.0785 gm. of silver has dissolved from the anode ; therefore the amount of silver 
transported from the anode compartment=0.0785—0.0446=0,.0339 gm. 
Transport number of silver ion=0.0339 +-0.0785=0.432 =43.2%. 
Transport number of nitrate ion=1—0.432=0.568=56.8%. 
Exampte 10. The conductivity of a centinormal solution of acetic acid is 0.000143. 


The ionic conductances of hydrogen and acetate ions at the same temp. are 315 and 35 respectively. 
Calculate the degree of dissociation at this temp. 


By Paaie A EEI oe 1000 143 
Ao= à+ Ag=315+35=350 
ih Meh 
a= m EO 0.0408 or 4.08 per cent. 


Exampte 11. The molecular conductivity of a solution of silver nitrate at infinite 
dilution at 18°C is 115.8 The transport number for nitrate ion in silver nitrate is is 0,53" 
Find out the velocity of silver ion for a potential drop of 10 volts per cm. d 


By Eqn. 16.19 & 16.20 i—Àe=A0 Xt}=40 Xt_) =115.8 x 0.47. 


U=),/F=(115.8 x 0.47) /96,500=0.000564 cm/sec per unit pot. grad. Velocity for 
10 potential gradient=10 x U=0.00564 cm./sec. 


EXERCISES 


1. State Faraday’s laws of electrolysis. The same current is passed through 
acidulated water and a solution of stannous chloride. What volume of detonating 
gas (mixture of hydrogen and oxygen) measured dry at 0°C and 760 mm pressure 
js evolved from the water when one gram of tin is deposited from the other 
solution. (Sn=119). [0.282 litre] 

2. Find the maximum weight of copper in kg. that is possible to be obtain- 
ed from a battery of 12 copper-refining cells in one day if 1000 amperes be passed 
through the cells in series. [341.4 kg.J 
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3 A current passes through solutions of (a) silver nitrate, (b) copper sulphate 
and (c) acidulated water. What amounts of silver and copper will be deposited 
in (a) and (b) respectively in the time 300 c.c. of hydrogen at N.T.P. collect in (c)? 
(Ag=108 ; Gu=63). From your results calculate the equivalent weight of silver 
and copper. * [2.893 gms. ; 0.8437 gms.] 

4, What are the products of electrolysis when the following are electrolysed 
and why? (i) Fused sodium chloride between carbon poles, (ii) Sodium chloride 
solutions between carbon poles, (iii) Copper sulphate solution between (a) carbon 
poles and (b) copper poles, (iv) Silver nitrate solution between (a) platinum poles, 
and (b) silver forming positive and copper forming negative pole. 

5. What is meant by the transport number of an ion? How is it determined? 
A molar solution of GdI,, showed an anion transport number 1.2 How would you 
account for the result? 

6. An aqueous solution of copper sulphate is electrolysed between copper electro- 
des until 0.2294 gram of copper is deposited. Before electrolysis the solution at 
the anode contained 1.1950 gms. of copper and after electrolysis 1.34 grams. Cal- 
culate the transport number of copper and sulphate ion. [0.368 ; 0.632]. 

_ 7, Discuss the theory of electrolytic dissociation and indicate what explana- 
tion it gives of (a) electrolysis, (b) the heat of ncutralisation of a strong acid by a strong 
base, and (c) abnormal osmotic pressure of electrolytes. 

8. How does ordinary dissociation differ from clectrolytic dissociation ? 

9. How is one Faraday related to Avogadro number? Describe an experi- 
mental set-up and method by which you can pass one Faraday of electricity through 
a given electrolyte. 

10. State how you would proceed to determine experimentally the specific 
conductivity of a solution of acetic acid. 

_ 11, Write short notes on :—(a) Transport number, (b) molecular conducti- 
vity, (c) Kohlrauch’s law, (d) specific conductivity and (e) cell constant. 

12. Explain what is meant by equivalent conductivity of an clectrolyte. Des- 
cribe the method you would adopt to measure this quantity, as also its value at infinite 
dilution for (i) KCl and (ii) acetic acid. 

_ 13. At 25°C the specific conductivity of butyric acid at a dilution of 64 litres 
(i.e. 1 mol. in 64 litres) is 1.812 x 10-*r.o. The equiv-conductivity at infinite dilu- 
tion is 380. What is the degree of dissoication, the concentration of hydrogen ions 
in the solution and the dissociation constant of the acid. 

[a=0.0306 ; (H+) =4.8x 10-4; Ka =1.51 x 10] 

14. Find out the velocity of K+ ion in_aqucous solution at 18°C under a 
potential gradient of 6 volt per cm. from the following data :—, for KCl at 10°C 
=130. Transport number of Cl- in KCl=0.495. [0.004 cm/sec.] 

15. The specific conductivity of a 0.1 molar solution of a 1-1 salt is 0.00920. 
Calculate the equivalent conductance and the conductance ratio given that the 
equivalent conductance is 108.9 at infinite dilution. [92.0 : 84.5 per cent] 

16. Is it possible to determine Ao, the equivalent conductivity at infinite dilu- 
tion for hydrochloric acid and acetic acid by the same experimental procedure? 
Discuss thoroughly the principles involved. P 

17. Acetic acid and ammonia have the same value for their ionisation constants 
at a given temperature. If pH of a solution of acetic acid is 3, what is the pH 
of an ammonia solution of equal molar strength [pH=pK,,—3=11] 

18. What is the unit for the following :—(a) specific conductivity (b) equi- 
valent conductivity, (c) transport number, (d) cell constant and (e) dissociation 
‘constant? 

19. Prove that the cell constant is approximately equal to the distance between 
the two electrodes divided by the mean area of the electrodes. 

_ [Hint : Substitute the value of observed resistance as given by eqn. 16.7 
in Eqn, 16.13]. 

20. Conductivity water has a specific conductivity of 10-6 mhos cm—, If 
an ohmmeter can measure in the range 50 to 1000 ohms, what should be the cell 
constant and dimensions of the cell electrodes to be used for the purpose? 


wa [Cell-constant (or interelectrode distance/area of electrode) in the range 0.5 
to 10x10-4) 
17 


CHAPTER XVII 
IONIC EQUILIBRIUM F 


Ostwald’s Dilution Law—Tlonisation of Water— 
Hydrolysis—Solubility Product 


Strong and Weak Electrolytes—A crystal of sodium chloride 
contains only Nat and CI- ions arranged in a regular manner (P. 70). 
When such a crystal is brought in contact with water it goes in solu- 
tion as ions helped by hydration energy of the ions which largely 
overcomes the lattice energy binding the ions tightly in the crystal. 
This is further helped by the fact that the high dielectric constant 
of water reduces the attractive force between the positive and the 
negative ions. So the solution contains only Nat and Cl- ions and 
no undissociated NaCl molecules ; of course, ion pair such as Nat+Cl- 
may occur at high concentration. Substances such as sodium chlo- 
ride which are present practically wholly as ions in solution are called 
STRONG ELECTROLYTES. Examples are salts, strong acids and 
strong bases. $ 


It should be clearly realised that though the very idea of undissociated molecu- 
les is meaningless for strong electrolytes, ion pairs such as [Catt CrO), 
[Fetal] , cic. do exist, but these ion pairs by no means can be called 
undissociated molecules. In fact the term dissociation should be avoided with 
reference to ionic solids (vide P. 252). 


There is another class of electrolytes which are only partially 
present as ions and partially as undissociated molecules in mutual 
equilibrium. Taking two typical examples, viz. acetic acid and ammo- 
nium hydroxide, the equilibria can be represented as— 


CH,GOOH=CH,COO- +H+** (vide foot note) 
NH,OH =NH,*++OH- or in general, BAS=Bt+-A- 


Such compounds are called WEAK ELECTROLYTES. Weak acids 
and weak bases are examples of this class. 


The fraction of the total number of molecules present as ions is known 
as the degree of dissociation of the electrolyte. ‘The degree of dissociation 
will depend on dilution and as a general rule the more dilute the solu- 
tion the greater is the degree’ of dissociation. 

N.B. The reason for increased dissociation on dilution is that the rate of 
forward reaction is directly proportional to the concentration of BA (unimole- 
cular) while that of the reverse reaction is proportional to the product of concen- 
trations of Bt and A- (bimolecular). So, on diluting to say, double volume, 
the specd of the direct reaction falls to only half but that of the reverse reaction falls 
to one-fourth, and so, the reaction goes towards the forward direction and the equili- 


brium gets displaced to the right. 


3 rogen ion, H+ is present in water practically wholly in the hydrated 
ee oly as the hydroniurh ion, H,O*+(H *,H,O). However, for the sake 
of simplicity we shall throughout use the symbol H* for hydrogen ion, solvated or 
unsolvated, remembering that the proton is present in water as the H,O+ ion (called 
hydronium or oxonium ion in analogy with ammonium ion). 
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Ostwald’s Dilution Law—The dissociation equilibrium of 
weak electrolytes can be easily formulated with the help of the law 
of mass action. Suppose that one gram molecule of a binary elec- 
trolyte, say, acetic acid, is dissolved in ‘v’ litres of water and that at 
equilibrium a fraction “a” of it is dissociated into ions. Then, as a 
result of ionisation, ‘a’ moles of CH,COO- and a moles of H+ and 
1—a moles of undissociated acid will be present. 

CH,;COOH = CH,COO-+-H+* [vide footnote, P. 258] 

Since concentration=no. of moles/volume, we have [CH,COOH] 
=(l—a) jv and [H+]=[CH,COO]=c /v and so applying the law of 
of mass action and using the relation, c=1/v, we get, 

ae {(H+]x[CH,COO-]_ a? ale 17.1 

* [CH,GOOH]  (I—ayv (l—a) i i 
where K, is the ionisation constant or the DISSOCIATION CON- 
STANT of the acid. Note that Kg, like any other equilibrium 
constant, is a constant only at a constant temperature. Its value 
changes with temperature and ionic strength. This equation repre- 
senting the variation of the degree of dissociation with dilution is 
known as OSTWALD’S DILUTION LAW and is an extremely 
important relation in the realm of electrochemistry of solutions and 
should be memorised. 


Since the degree of dissociation, a is generally determined by 
conductivity measurements, the above formula can be put in a different 
form by substituting 4/49 for a (eqn. 16.15). 


APE TS T A72 
Ao(Ao—A) oy 
The dilution law was tested by Ostwald and others by conducti- 
vity measurements and was found to hold good fairly well for weak 
acids and bases. The following table compiled for acetic acid shows 
the constancy of the dissociation constant, Ka: 
SETER eee ee 


It then becomes 


Dilution c moles Degree of Dissociation Dissociation constant 
v (Litres) per litre a (per cent) ax 
0.994 1.006 0.40 1.62 
2.02 0.501 1.614 1.88 
15.9 0.0629 1.66 1.76 
18.1 0.0926 1.78 1.78 
1500.0 0.000667 14.7 1.69 
7480.0 0.000134 30.1 1.72 


It would be seen that the value of Ka for acetic acid remains 


fairly constant over a wide range of concentration. It is of interest 
to note that the acid is dissociated to a very small extent under ordi- 
nary concentration ; a normal solution is dissociated to only 0.4y 
per cent and even a thousandth normal solution is dissociated to onlg 
12 per cent. 
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If the degree of dissociation is very small, as is usually the case 
for weak electrolytes at ordinary concentration,, (1 —a) is almost equal 
to unity and so the dilution law becomes. 


or =K or, a =V K=] Š A oe e's 
u C 


that is, for weak electrolytes the degree of dissociation is inversely 
proportional to the square root of concentration, and directly proportional to 
the square root of dissociation constant. On the other hand, if a is not 
negligible in comparison with unity, the equation becomes 
a quadratic one with respcct to a and on solving gives 


gas aa V A 


The dissociation constant K, can be lent a physical significance 
by putting c=1, when we get a=¥4/K ; or in other words, the degree 
of dissociation of a normal solution of a weak electrolyte is approximately 
equal to the square root of ionisation constant. Also, by substituting 
the value a=1 in the dilution law (eqn. 17.1) we get 

0.5)2¢ c 
[Lak or, Kay or, c=2K 
In other words, the concentration at which the electrolyte is half dissociated 
is twice the value of the dissociation constant. For acetic acid, Kg is 
0.000018 ; therefore, at a concentration equal 0.000036N (1 gm. 
mole dissolved in 28,000 litres approx i.e. about N/28,000) acetic 
acid will be fifty per cent dissociated. 


Exampte 1. The specific conductivity of a 0.5% solution of acetic acid is 0.0004525 
cm ohm at 18°C. A9=352. Calculate its dissociation constant. 


c=(5/58) _ mol.jlitee, a=Aldo But A =X 1000/e=5.25 
do =AHt+AGH,COO-=318-+34=352. °° 4 K aad 
k OT : iee g E 
s- a= 35 =0.0149 n K=, = 1942x107. 


ExamPLE 2. A deci-normal solution of acetic acid is ionised to the extent of 1.3 per 
cent. Find the ionisation constant of acetic acid. 


[H4J= ac=0.1 Nx0.013=1.3 x 10°N 
[CH,COO-]=[H*]=1.3x 10° N 
Undissociated acid, [GH,GOOH]=total — dissociated portion 
=(1—a) c=(1—0.013) c=0.987x0.1 
[H+] [CH,GOO-] _(1.3x10-8)? _ 
[GH,cOOH]  ~ 0.987x0.1 T 1-71%10° 


Gus 


Equilibrium between Electrolytes in Solution: Effect of 
Common Ion—If two electrolytic solutions are mixed the degree 
o1 dissociation of each is usually changed. This change in ae 
centration may be large if they contain an ion in common. The 
interesting case is that of a weak acid or base in presence of Hons OF 
its salts. 
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For example, if to a solution of acetic acid some sodium acetate 
is added, the equilibrium will change. Acetic acid ionises giving H+ 
and CH,COO- ions and there is established the equilibrium, 
[H+] x [CH,COO-]=K, x [CH,COOH]. The introduction of sodium 
acetate which is almost completely ionised increases the concentra- 
tion of acetate ion and since the concentration of unionsied acetic 
acid cannot increase very much, as the dissociation is usually small, 
the concentration of [H+] ion should proportionately decrease to 
maintain the same value of the equilibrium constant. Therefore, 
we may propound the rule that the introduction of a salt with a common 
ion decreases the degree of dissociation of a weak electrolyte. The exact 
relationship can be easily derived on the basis of the dilution law, 
when it can be shown that if the added substance is a strong 
electrolyte and the substance, whose degree of dissociation is consi- 
dered, is a weak electrolyte, the degree of dissociation is approximately 
inversely proportional to the concentration of the added substance, the proof 
of which is left to the student as an exercise. 


Isohydric Solution—If on mixing together two weak electrolytic solutions 
having a common ion there is no change of the degree of dissociation of any of them 
such solutions are called isohydric solutions. The relative concentration at which 
two solutions, say, two acids become isohydric can be easily calculated. Let us sup- 
pose that two solutions containing respectively the acids HA, and HA, be isohydric. 
Let v, and n, be the original volumes of the two solutions and a, arid a, be their res- 
pective degrees of dissociation. On mixing, the total volume becomes vı+vs and 
the hydrogen ion concentration (a;+<a2)/(21+22)- Applying Ostwald’s dilution 
law to the original solution we get, 


2 a 
day nena) Wear 


Applying the dilution law to HA; in the mixed solution, we have 
(ar+a:)aı Se c 
(1=ay) (v+?) z © 
Dividing equation (c) by equation (a) 


(itu) or & =% or [H+] H] 
(CETA % U2 s 
Therefore, the condition of isohydricity is that the common ion should have the same con- 
centration in both the solutions before mixing and it depends in no way on the total volumes. 
of the solution mixed. 


Ionisation of Water—Even the purest water is not an absolute 
non-conductor but conducts current very feebly suffering electrolysis. 
This weak electrolytic behaviour of water is due to the presence. of 
very small quantities of hydrogen [H+] and hydroxyl [OH] ions, 
which are in equilibrium with undissociated water molecules accord- 
ing to the equation, 

H,O <> H++OH- 
or more correctly, 2H,0<=>H,O*+OH- 

Applying the law of mass-action, 


Se or [H#] x [OH-]=K x [HO] 35 ue 
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Since in water the active mass of H,O is constant, we have 


H+ x [OH-]=K,, (constant.) ve 17.6 
where K, is called the ionic product for water. In pure water 
[H+] = [0H]; = Kw =[H*]?=[OH-]?. The value of ionic 


product of water is approx. 10-4 at mean room temperature (25°C) 
and is independent of whether the solution is acidic or alkaline and 
has got the same value in all aqueous solutions at the same tem- 
perature. Some values of K, are reported below. It is to be noted 
that water contains very few H+ and OH- ions ; at 25°C one gram- 
ions (i.e. 1 gm of H+) is contained in ten million litres of water. 


It may make things clear for beginners to be pointed out that according to the 
convention followed in this book for treating equilibria, K,, is the ionic product 
of water but not the dissociation constant of water which is K in eqn. 17.5 and its 
value is 1/55.5 times that of K,, since [{H,O]=number of moles of water in one litre 
=1000/18=55.5. 


Temperature °C | 0°C 10°G 25°C 1 40°C 50°C | 100°C 


pipe es | 747 | 7.27 | 7.00 | 676 |6.63 6.12 
0.1139 | 0.2920 | 1.008 | 2.919 |5.474| 59 


Evidences for Ionisation of Water—The direct proof of the 
presence of ions in water lies in the fact that even the purest water 
has got a small but definite electrical conductivity from which K, can 
be easily calculated as is shown in Example 3 below. However, 
the best values are obtained from E.M.F. measurements of suitable 
electrochemical cells. These values agree quite well with values 
seamed from conductivity measurements. That the ions are [H+] 
a 3 On is proved by the capacity of water to catalyse, though 
cow a extent, all reactions catalysed by acids and bases ; and 
eee ae of this catalytic power of water an approximate 

Basra ae ydrogen and hydroxyl ion concentrations can’ be 
- Another definite indication lies in the phenomenon of hydrolysis 


of salts (see later), which c 1 i 
weak acidic and basic a waten ee ee 


EXAMPLE 3. - 
K u, the i ee of pure water at 25°C is 0.58% 10-7 r.o. Calculate 


Since 55.5 moles of water are present in a litre 
A=* x 1000/c=0.58 x 10-7 x 1000/55.5=1.045 10-8 
Ao=AHt+AOH-=350+4+ 198=548 (p. 254) 

a=A/4 o=(1.045 x 10-8/548) =1,9 x 10-9 


[H+] =[OH-]=ac=1.9 x 10-2 x 55.58=1.05 x 10-7 
Hence, K,=[H*] [OH-]=(ac)?=1.10 x 10-14 


Tonic Product of water, ... 
Kx% 10" 


Ionisation of Double Salts and 


doublé*salts’ and complex salts Si ig Salts—Though both 


got an individuality of their 
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own in the solid state, they behave quite differently in solution with 
respect to their mode of ionisation. The double salts behave in solu- 
tion as just a mixture of its constituent salts whereas complex 
salts contain new ions as is illustrated by their ionisation below. 


Double salts :—Mohr’s salt, FeSO4, (NH;)2SO,, 6H,0 ; Alum, K,SO,, 
Al,(SO,)3, 24H,O ; Carnallite, KCI, MgCl., 6H,O ; etc. 
FeSO,, (NH,):S0;,6H;O =Fet+-+2SO,—+2NH,* i 
Complex salts ;—Potassium Ferrocyanide, K,Fe(CN)e; Nessler’s compound, 
KHgl,, ctc. 
K,Fe(CN)s24K++Fe(CN) o, KHgls=K*+Heglo- 
Hence, the distinction between a double salt and a complex salt reduces 
to a différence in the degree of ionisation of the complex ion. If the complex 
„ion is very stable and ionises very little it is a typical complex salt 
and if the complex ion is too unstable to exist at all and ionises com- 
pletely it is a double salt. The stability of complex ions is so strnog 
that potassium silver cyanide [KAg(CN,)] is actually injected into 
_the human body for the prophylactic effect of silver salts and has 
none of the poisonous effects of the cyanides. 
ble to obtain salts where the stability of the 
Tepe ion is intermediate between these two extremes. Thus, 
CASON) contains sufficient Cd++ ions as well as the complex 
Cd(GN,)~ ions. So the distinction between complex salts and double salts 
isnot a sharp one and salts of all intermediate degrees of complexity 
pane: In other words, the double salts and complex salts differ in degree 
ut not in kind (vide P. 264, Instability Constant). 
stake s—Heavy metals ions, which are usually 
Precipitated out by reaction with anions, can be held in solution by 
complex formation with suitable substances. This sort of masking 
of ions is known as sequestration and the complex-forming substances 
as sequestering agents. The most powerful sequestering agents, so 
far discovered, are disodium salt of ethylene diamine tetraacetic acid, 
[(CH,COOH),N—CH,—CH,—N (CH,COOR).[ (called EDTA) and 
Some polyphosphates. The sequestering effect of EDTA is so pro- 
nounced that it can even prevent the precipitation of BaSO,, CaCO,, 
etc. Consequently these are extensively used in industry nowadays, 
wherever harmful heavy metal ions are present, ¢.g-, in water softening, 
Water treatment, fountain pen ink manufacture, etc. Based on this 
Special property of EDTA, direct titration of heavy metals by EDTA, 
called COMPLEXOMETRIG TITRATION, has been developed 
and used for rapid and accurate determination of many ions, hardness 
of water, etc. The most likely mechanism of sequestration by J DTA 
is formation of a polydentate complex through the two nitrogen 
atoms with the heavy metal ion as shown below :— 


It is however, possi 


Sequestration of Ion: 


-OOCH,G CH,COO- 
| 
H,G—) N—GH, 
| X “ 
Ca 
[Pa X 
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Equilibrium of Polyhalide Formation—Bromine and iodine 
molecules owing to their high electric polarisability have the unusual 
property of combining with halide ions to form trihalide ions, X,7, 
giving rise to the following types of ionic equilibria— : 

0) TLI ; 

(2) Br---Br.—=Br,- ; 

(3) I--+Br, == IBr,-; etc. 
Therefore, if iodine is added to a solution of KI it dissolves to form 
the unstable complex ion I,;~ according to equilibrium (1). Alter- 
natively, we may consider the trihalide ion to be a weak electrolyte 
dissociating into a halogen molecule and a halide ion (I;-=1,+I-) 
and obeying the Ostwald dilution law. The equilibirum constant of 
this and similar reactions can be easily determined by partition expe- 
riments using immiscible solvents. Thus, if the above system is 
shaken with CHCl,, and the concentration of free iodine in the non-: 
aqueous layer is determined by analysis, [I,] in the aqueous layer is 
known by applying Nernst distribution equation (P. 167). All other 
substances present are insoluble in CHCl,, and so starting with known 
amounts of KI and I, we can calculate the concentrations of all the 
three species, and hence, the equilibrium constant. An example 
shown below makes the method of calculation clear. 


EXAMPLE 4, At 13.5°C I, was distributed between an aq. solution of KI and CS. 
Calculate the equilibrium constant of the reaction :— KI+I,=KIq, in the aqueous layer, 
from the following data :—Total conc of I, in the aq. layer=0.02832 moles|litre; total conc. 
of KI in the aq. layer=0.125 moles|litre ; conc. of I, in CS, layer= 0.1896 moles/litre; 
partition co-efficient k=CS,|/H,O=625. 


The equilibrium constant, K= Tone mon the squared brackets 
indicating conc. in the aqueous layer. * J 


Now, cone, of free Isin H,O, ie. [sJan = 8903.034 x 10- 


=0.02832—3.034 x 10-+=28.02 x 10-3 
(I-]=Total conc. of KI in water—Conc. of KI, 
=0.125 —28.02 x 10-°=96.98 x 10-8 
28.02 x 10-3 3 
3.034 x 10-4 x 96.98 x 10-8 = 
Therefore the dissociation constant of I; 


ion (commonly called INSTABI- 
LITY GONSTANT of the complex) is 1/K i.e., rosie ei 


[Is-]=Total conc. of I, in H,O—Conc. of free I, in H,O 


Hydrolysis of Salts—A 
necessarily neutral in reaction 
in reaction. 


queous solutions of neutral salts are not 
and very often they are acidic or alkaline 


Thus, a solution of potassium cyanide is alkaline in reaction 


(pH>7) whereas a solution of ammonium chloride is acidic in 
reaction (pH<7). This happens because the ions of salts react 
with water as a result of which the eqauality [H+]=[OH-], which 
exists in pure water, is disturbed. Since a reaction with water lies 


at the root of this phenomenon, this process is known HYDROLYSIS 
OF SALTS. a a 
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The simplest way to look at hydrolysis is to view it as due to 
some ions of the salts themselves being acidic or basic as envisaged in 
Brénsted-Lowry theory of acids (P 302). According to Brénsted’s 
conjugate acid-base concept, NH,* is a strong acid because its conju- 
gate base NH, is weak ; similarly, CN- ion is a strong base because 
its conjugate acid HCN is weak. Therefore, NH,Cl solution is acidic 
because the solution contains the acid NH,* ; similarly, KON solu- 
tion is alkaline because the solution contains the base, CN-. Besides, 
water being both acidic and basic, these ions would undergo a 
PROTON-PARTITION REACTION with water as shown below.— 

NH,+-+-HOH ==NH,+H,O* (cation hydrolysis) 

CN---HOH = = HCN+OH- (anion hydrolysis) 
The concentration of proton increases in the first reaction and so 
ammonium salts react acidic in water. Similarly, the cyanides dis- 
solve in water to form alkaline solution as shown in the second equa- 
tion. The former type is called Cation hydrolysis and the latter 
type Anion hydrolysis. A third possibility also exists where both 
the ions are prone to hydrolysis. We shall now discuss quantita- 
tively the three types of hydrolysis. 


(i) Anion Hydrolysis (Salt of a Strong Base and a Weak 
Acid)—Salts such as potassium cyanide, sodium borate, sodium 
acetate, etc. fall in this class. The general equation for hydrolysis. 
is— 

Bt-LA- --H,O —=Bt+OH-+HA 
eg. K+-+-CN-+H,0 Set One 
1—h 
i ded as completely 
since the base BOH, being strong, may be regarded as , 
ionised, x a thee See HA. being weak and particularly in peapa 
of the highly ionised salt BA, may be regarded as almost u 


ciated. 
_ [0HJXIHA] K 
From the law of mass action, [Aq] x [H0] 


Since the active mass of water, [H:O] is constant, 


OH- x [HA] _ [free base] x Lfree acid] S a 
Kal er = ~ Tunhydrolysed salt] 
where K» is called the hydrolysis constant. AY : 
There are also simultaneously other equilibria in the solution 


represented by— N 
+ - i 
[H x[OH*]=Kw- - (Ù); Ke n ë) 


where Ky is the ionic product of water (P. 262) 
ciation Constant of the weak acid, HA (P. 262). 


K, _ [OH-] x [HA e base) x [free acid] _y “Event 
Ro ot ] e drina salf] 2 


and K, is the disso- 


a 
ga 


= 
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ze. the hydrolysis constant is the ratio of the ionic product of water to the 
-dissociation constant of the weak acid. 


Let 1 mole of the salt BA, be present in v litres (c=1/v) of the 
‘solution and let h be its degree of hydrolysis (i.e. fraction hydrolysed). 
Then, the number of moles of unionised salt is 1—h, and the number 
-of moles of free acid and free base are both equal to h. 


h h 
eri 3 
R OREA v one, he E hèc 17.9 
[A] [=i =e) 
u 
ja Ko 17.10 


(Ajo =s Ka 
Examprte 5. Calculate the degree of hydrolysis of a decinormal KCN solution at 25C. 
“Lhe dissociation constant HCN is 7.2 x 10-* and the ionic product of water is 10-24 
hèc K, Ko h?x0.1 10-14 
G=h)— 2 > fe UA) 72x10 
Neglecting h in the denominator and solving we get h2=1,.39 x 10-4 
h=1.18 X10-?=1.18 per cent. 


(i) Cation Hydrolysis (Salt of a Weak Base and a Strong 
-Acid)—Examples of such salts are copper sulphate, ferric chloride, 
ammonium chloride, etc. A similar line of reasoning and equation 
-as the foregoing applies here except that the base is here weak instead 
“of the acid. Taking the general case of a salt BA, whose base BOH 
is weak, we have 

B+ +A- +H,O=BOH+H+ +A- 
(1—A) h h 
eg. NH,t+Cl- +H,O=NH,OH+H+-+Cl- 
[H+] x [BOH] _ [free acid] x [free base] 


K [B+] ~ [unhydrolysed salt] aol 

Also, there are existing the following equilibria— 

; Bt] x [OH-] Weeks 

[H+] x [OH-]=K,,; L OH K, (Dissociation Const.) 
K,__ [H+]x[BOH] _ Pte: 
E =K; [Hydrolysis Const.] 

If the degree of hydrolysis be h, the concentration of B+, H+ and 
BOH are respectively vey ; Ë and 2 where v litres are the volume 
containing 1 mole of the salt. 

4 2 2 
ee [H+] x [BOH] h hèc TOTS 1 
[B+] (1—h)o  (1—h) v 
2 
4 Ku 17.12 


qa Bae 
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Exampie 6. Calculate the degree of hydrolysis of a centinormal ammonium chloride 
solution. Given the dissociation constant for ammonia is 4x 10-5 and ionic product of water 
ds 1x 10-4 

PG Ky #2x0.01 1x10 
K,= or; z 
i-h Es Ek SKIO 
or h=1.58 x 10-4 i.e. 0.0158 per cent. 


(iii) Hydrolysis of a Salt of a Weak Acid and a Weak Base— 
Examples of such salts are aniline acetate, ammonium acetate, ferric 
formate, etc. Taking the general case of a salt BA, where both 
the acid and the basic constituents are weak we have 


Bt + A- +H,0= Big LOH ae 
h 


(I—a) (1—4) 
Ey [BOH] x [HA] _ [free base] x [free acid] esas 
[B+] x [A7] [un-hydrolysed salt]? 


Also, the following equilibria are co-existing— 


[H Er =ne $ 
ed x Eaa O 
K, HABEO T EK 
K.XK,  [BĦHxA] Um ae 
T 4A Lae | Ke 
or a =V/K,= Viz, ee oe ee LAST 


Hence, the degree of hydrolysis, in this case, is independent of the 
<concentration of the salt. It may however be pointed out that) the 
‘solution is not neural but is acidic or alkaline according as Ką is 
‘greater or less than Ky, and is neutral (i.e. (H+]=[OH-]) only when 


K, and Ką are equal. 
_ Exampre 7. Calculate the degree of hydrolysis of ammonium acetate. The dissocia- 
‘tion constant for NH,OH is 4x 10-5, and that for CH,COOH is 1.8x10-* 


h Na y. 10" ` h=0.37 per cent 
es Sys = 7. h=0. y 
ma VSN Exi, Y AxI8xIO™ R 


Experimental Determination of Degree of Hydrolysis— 
Since hydrolysis makes a salt solution either acidic or alkaline, the 
degree of hydrolysis is measured from the pH-value of solutions (for 


determination of pH vide Ch XIX). The calculation is illustrated 
below (Example 8). 
Exampre 8. The pH ofa 


0.1N solution of ammonium chloride is 5.4. calculate the 


‘hydrolysis constant. F, 
E ey = =| i hydrolysed. 

. 5 ay i. Ht1=10 5-45 also c=0.1 and h=fraction hy 

Putting the ee values [H+] and ¢ in the equation [Ht]=he we have 


, TEA] 10-4 jo-e 
c 0.1 
_ hee 108x01 _ 49-008 


=10%2 x 10-10 = 1.6 x 10-*° 
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Exampre 9. Assuming that the dissociation constant of ammonia and acetic acid are 
both equal to 1X 10-5, calculate the concentration of H*ion in the following solution :—(a) 
A mixture containing 5 c.c. N|10 acetic acid and 5 c.c N]10 caustic soda. (b) A mixture 
contaimng 2 c.c. N|10 ammonia and 5 c.c. N|10 hydrochloric acid (Ionic product for water 
=1x 10). 


(a) The resulting solution is a N/20 (0.05N) sodium acetate solution hydro- 
lysing according to the equation :— 


CH;,CGOONa+H,0 =CH;,COOH +Na+-+OH- 
Applying the equation, 


Me Is, 
ae ree 
#2005 10-4 S 
we have, ——— = 9 = 10 


Neglecting h in the denominator, h?=¥ x 10-8, or h=1.41 x 10-4 
[OH-]=he=1.41 x 0.05 x 10-4=7.05 x 10-8 
[H*]=K,,/[OH-] =10-"4/7.05 x 10-°=1.42 x 10-2 
(b) The resulting solution is a N/20 (=0.05N) solution of ammonium chloride. 
E00 = x = ee hal Al 10-4 
[H*]=hJo=h x c= 1.41 x 0.05 x 10-4=0.70 x 10-8 


SOLUBILITY PRODUCT 


Introduction—The solubility of any substance is little affected 
by the presence of another solute, a notable exception being electro- 
lytes with a common ion. For exam- 
ple, one litre of water dissolves 12 gms. 
of lead chloride at 30°C, whereas one 
litre of normal potassium chloride solu- 
tion dissolves only about 0.5 gms. of 
lead chloride. This is quite striking if 
we recall that the solubility of any other 
solute without a common ion say lead 
sulphate would not change by more than 

std sali say, 5 or 10 per cent by the same change 
Fig. 95—Equilibrium between of solvent. This has received a quantita- 

Ton and Precipitate tive explanation from the principle of 

solubility product which we discuss below. 


Solubility Product Principle—Although the law of mass action 
does not apply to the process of electrolytic dissociation except in 
the case of weak electrolytes (vide P. 255, 262), it applies with consi- 
derable accuracy to saturated solutions of sparingly soluble salts. The 
dissociation in the typical case of a saturated solution of silver 
chloride may be represented as— 

AgCl = Agt-+-Cl- 

(Solid) (in olution) 


Applying the law of mass action, we get 


IONIC EQUILIBRIUM 269 


[Ag+] x [CF] 

[AgCl] 

_ The concentration of solid silver chloride is indeed constant, and 
by convention is put equal to unity (P. 228, eqn. 15.1) ie. [AgCI]=1. 

z. [Ag*] x [Cl-] =K,=constant. ie ve Aivalo 

This constant K, is called the solubility product of AgCl. The 
significance of eqn. 17.15 is that in a saturated solution of AgCl the 
product of concentrations of Ag* ion and Cl- ion is constant inde- 
pendent of the individual concentration of Ag+ ion or Cl- ion 
provided the temperature is constant. 

Taking the general case of a sparingly soluble salt BA, whose 
solubility is s moles per litre, the concentrations of [B+] and [A~]— 
assuming complete dissociation—are necessarily each equal to s gm. ton 
per litre. 

Solubility Product, K,=[B*] x [A-]=s? net alvalG: 
ie. the solubility product of a sparingly soluble binary electrolyte is simply 
the square of its solubility in pure water expressed in gram moles per litre. 
Thus, at 20°C AgCl dissolves to the extent of 1.3x 10% moles per 
litre ; therefore, its solubility product, K, is (1.3 107)? ie. 1.7 10> 9 


Salts ionising into more than Two Ions—If the salt is of the 
17.17 


type A,B,, (A,B, =xAt+)B-); 
the solubility product, K,=(A+)* x (B>)” oe 
Therefore, the solubility product of a salt may be defined as the greatest 
possible product of the concentrations of its constituent tons n da ae 
Solution, expressed as gram ion per litre, each concentration term Less, pee 
to a power representing the number of gram tons of that type Sori by i 
dissociation of one molecular formula weight of the salt. Evic e y, the 
solubility product of a salt is consatant only at a particular tem- 
perature. 


N.B. It is customary to express 


=K_ or, [Ag*] x [Cl-]=K x [AgCl] 


the concentrations of the ions in the calcula- 


i i ii itre, i. ight per litre, and not 
tion of ili m ion per litre, 1,2. formula weight pi A 

in SN aiy ProdTitre (see examples below). This is a rather sou! gonvens 
tion in physical chemistry and should be carefully noted for purpose of numerica 
calculations. 


eu EXE, 10. ‘The solubility of chalk is 0.0305 
solubility product. 
Molecular wt. of CaCO,=100 
Solubility, s=0.0305 gms. pet litr 
Solubility product K,=5°=9.3 X 10 
tty PSA 10, The Solubility of Cas is 0. 
Since one molecule CaF, furnishes 1 Catt and 2 F- ions : 
[Ca*+]=0.0002 gm ion/litre : [F-]=0,004 gm son/litte es 
^ Sol. product=[Ca**] [F7 20,0002 x (0.0004)?=3.2 x1 


True Solubility Product—Though we have defined 


gm. per 1000 c.c. of solution. Cal- 


e=3.05 X 10-4 moles/litre. 


0002 mole per litre. Find the solubi-- 


(eqn. 17.1 5): 
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the solubility product of say, AgCl as equal to the product of the 
concentrations of Ag+ and CI- ions in a saturated solution (i.e. [Ag+] 
x[Cl-]=K,), it should be remembered that this definition is an 
approximation. The correct definition should use activity in place 
of concentration as shown below. 

as Xacr =K, S oi aa AYA 


where a denotes activity of the ion shown as the suffix. Since a=y ¢ 
where y is activity co-efficient and c is concentration, eqn. 17.18 
becomes 

K,=[Ag*]yagt X [(Cl-]ycr S Sa AE 
A similar equation for the general case can be easily formulated. 
“F Salt Effect on Solubility—On addition of any salt without a 
common ion, say KNO, to a saturated solution of AgCl, more AgCl 
is found to dissolve. The explanation is rather simple. It is well- 
known from Debye-Hückel equation that the mean activity co- 
efficient of a salt decreases with increase of ionic strength. So the 
y-terms in equation 17.19 decreases on adding KNO,. Therefore, the 
concentration terms [Ag+] x [Cl] increases in order to maintain K, 
constant. Therefore, solubility of a sparingly soluble salt increases on 
addition of any salt without a common ion. This is called salt effect, ionic 
strength effect, or SALTING-IN. Many proteins which are spar- 
ingly soluble in water, dissolve well in salt solutions owing to the opera- 
tion of this salt effect. 


Effect of a Common Ion—The effect of the addition of a salt 
with a common ion reduces the solubility of a sparingly soluble salt 
due to the operation of the law of mass action (vide P. 218 ; effect of 
adding one of the products of the reaction). For example, Ag-acetate 
is precipitated from its saturated solution if a little AgNO, or Na- 
acetate is added to it. 

The effect can be calculated with a fair degree of approxima- 
tion by using eqn. 17.15 or 17.16. If KCI is added to a saturated 
solution of AgCl, the equilibrium, 

FEF AgCl (Solid) = Agt+-Cl- 


will be displaced towards the left (i.e. some AgCl will be precipi- 
tated) because we are increasing [Cl-]. Nevertheless, the equation, 
[Ag*] x [Cl-]=K, (=s?) would still hold good. If the new solu- 
bility of AgCl be s’, we should have, since the salts are completely 
dissociated, s’ and s'+c as the final concentrations of Ag+ and CI- 
ions respectively in the saturated solution. But the product of the 
concentrations of these two ions, no matter what the source of these 
ions may be, must be equal to the solubility product and so we have 


(s') x (s’-+e) =K,=s? si .. 17.20 
where the concentrations are expressed in gram-moles or gram-ions 


per litre. Similar equations for more complicated cases of unsymme- 
trical types of salts can be easily deduced. 
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i ExAamPLE 11. Solubility of lead sulphate in water is 1.03x10-*; calculate its: 
Solubility in a centinormal solution of sulphuric acid 
Solubility product, K,=s?=(1.03 x 10-4)?=1.06 x 10- 
e=0.01N=0.005 molar ; substituting proper values in the equation, 
5X (s’-e) =s, we have s’ X (s’-+0.005) =1.06 x 10-8. 
yaNeglecting s’ in the second term being small in comparison to 0.005, we have 
=2.1 x 10-6. So, we sce that the solubility is considerably reduced. 


Experimental Test of the Solubility Product Principle—The 
exact form of the s.p. principle (i.e. eqn. 17.18 or 17.19) has been 
experimentally tested and found to be rigorously true. The approxi-- 
mate form (i.e. eqn. 17.16 or 17.17) is generally found to be true 
to a high degree of accuracy under conditions of constant ionic- 
strength. The approximate form however is frequently used for- 
simplicity with expectation of no great accuracy. Wide apparent 
departure from s.p. principle is however often encountered due to- 
the co-existence of other ionic equilibrai (vide P. 272). 


SOLUBILITY PRODUCT AND ANALYTICAL CHEMISTRY 


Precipitation and Solubility product—Since precipitation is 
governed by the principle of solubility product, the latter receives 
important applications in the field of analytical chemistry. For 
example, if to a solution of a cuproussalt increasing amounts of chloride 
ion are gradually introduced, precipitation would start as soon as the 
product, [Cut] x[Cl-] exceeds the solubility product of cuprous 
chloride. On adding more chloride ion, precipitation would continue 
such that the [Cut] x [C17] in solution remains equal to the solubility 
Product of cuprous chloride. So, as the chloride ion concentration 
increases, the residual cuprous jon concentration decreases, and by 
adding excess of the precipitating ion (here Cl- ion), the residual 
copper ions in solution can be reduced to a negligibly small value. 
Chis is the reason why excess of precipitants has to be used in quan- 
titative analysis. This picture of precipitation is extremely helpful to 
an understanding of the different procedures of analytical chemistry. 
Analyti . The Insolube Chlorides—Silver, lead 
ise CE ka s their chlorides are sufficiently 


and mercury(I) belong to this group, @ c 
insoluble TRD side of all other common metals are highly 


soluble. The solubility product (20°C) values are shown below.- 


lubility, > £ 
Salt So El sel Solubility Product, Ks 
AgCl 1.3x10-8 [Agt] [Gl] 
He.Cla 910-7 [Hg+] [GI] 
PbCl, 3.9 x10-* [Pb++] [GH] 


This gives a quantitative picture of the precipitation of these three - 
salts as chlorides. It should be noted that K, for lead chloride is 
very much higher than those of the other two and this explains why 
the precipitation of lead chloride is not as complete as those of Hg,Cl, _ 


and AgCI. 
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The dissolution of AgCl in ammonia is due to the formation ofa 
complex as shown below. 


Agt+2NH, = Ag(NHs)2* 


The equilibrium constant for the above reaction (its reciprocal being 
called the instability constant of the complex) is 1.7 x 10’ showing that 
it is practically fully displaced towards the right. This explains 
the powerful dissolving action of ammonia on AgCl. 


Complications in the Application of the Solubility Product 
Principle—The following kinds of complications often militate 
against the application of the simple solubility product principle. 
‘They are— 

(i) Ionic strength effect , > > 

Gi) Co-existence of other ionic equilibria, chiefly, hydrolysis 

and complex formation. 

ve factors tend to increase the solubility to a value higher 
zo Se AENT expected value (eqns. 17.16 or 17.17). The 
first factor has been already discussed (P. 270). The influence of 
the second factor can be illustrated by the data in the foregoing 
table for PbCl, wherein the observed solubility is higher than the 
theoretically expected value (4s°>KĶK,). This is due to the fact 
that a good portion of the lead ions in solution does not exist as lead 
ions but exists as Pb(OH)* ions owing to hydrolysis and so the latter 
do not contribute to the solubility product of PbCl,. Taking another 
example, viz. the precipitation of chloride ions as AgCl, too much 
chloride ions should not be added, as AgCl then tends to dissolve by 
the equilibrium AgCl+Cl- = AgCl,-. Complications of this type 
exist in many cases and so, as we shall see also in the next table, the 
solubility in many instances is much more than the theoretically expected value 
viz. the square root of solubility product (eqn. 17.16]. 


Application of H,S in Group Separation—Sulphuretted hydro- 
-gen dissolves in water and ionises as a weak acid, HS = 2H+-+S--, 
with overall Ką=1.1x 10-22 (pK,=7.04, pK,=14.92). Now, the 
solubility of [H,S] under usual laboratory conditions is about 0.1 
molar, and so the [S~ ~] ion concentration is given by (i). 

oe (isha sar ENE T tela O RSE 
(i) vis] ~ =1.1x10-22; (#) [S--] TE 


It is thus seen that the sulphide ion concentration depends on 
the acidity of the solution and can be varied over an enormous range 
from 10-4 to over one mole per litre if the acidity of the solution 
changes from about normal acid to highly alkaline conditions. 


Precipitation of Group II Metals—Evidently the more acidic a 
solution, the lower would be [S~~]. Ordinarily, Group II metals are 
precipitated by bubbling H,S through a solution which is about 0.3N 
in hydrochloric acid. In such a solution the concentration of sul- 
phide ion according to equation (i) is of the order of 10x 10-23M 
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and so only the extremely insoluble sulphides would precipitate 
under such conditions. The matter is however highly complicated 
due to hydrolysis and other side effects and only qualitative agree- 
ment with the simple theory of solubility product is obtained. The 
solubility (s) and solubility product (K,) values at 25°C are given in 
the following table. The solubility products of the sulphides of Zn. 
Mn, etc. being comparatively high, they are not exceeded by such 
small concentration of S-- ions as are supplied by this very small 
dissociation of H,S and so they are not precipitated at all. 


: : Solubility, s Solubility Product 
ulphide Gols Moles/litre* M+] x[S~] 

aie Peller 3.1 10-20 rae lek Ome2 

PbS black 2.2 x 10-19 Stele 

aa black 2.2 x107 3.5 x 10-4 

Hes black 2.1 x 10-28 3 x10-5$ 

Fes black 1.3 x 10-6 3.7 x 10-19 

ZnS white 3.1 x 10-2 6.9 x 10-26 

NiS black 4 x10-1° 1.1 X105% 


*Note that solubility is almost always higher than the square root of solubility 
product due to complex fromation, hydrolysis, etc. of P. 272). 

If the bubbling of H,S is slowly done, the sulphides will preci- 
pitate roughly in the reverse order of their solubilities, that is, in 
the order mercuric sulphide (black), copper sulphide (black), arsenic 
sulphides (yellow), antimony sulphides (orange), tin sulphides(yellow 
or brown), bismuth sulphide (deep brown), lead, sulphide (black) and 
cadmium sulphide (yellow) because their solubility products will be 
exceeded in this order. It should be noted however that precipita- 
tion leads to increase in acidity, for example, by the reaction Cd+* 
+H,S = CdS-+2H*, which will interfere with the effectiveness of 
precipitation, particularly of the tail-enders such as PbS and CdS. 
So, when precipitation appears to be complete it 1s necessary to dilute 
the solution in order to reduce the acidity to the optimum value 
(0.25 to 0.3 (N) HCI) and again bubble more HS to complete the 
f PbS and CdS. 


Precipitation of Group WiI—After separating the precipitated 
ag Sener the dissolved HS is boiled off as it would 


sulphides by filtration, 3 5 7 
later by reacting with ammonia. The 


otherwise form S~~ ions e i 1 
filtrate is now made alkaline with ammonia (0.1N) and ammonium 


chloride (3N) (see next section). The concentration of OH- ions is 
extremely low due to ‘common ion effect’ and is about 6 x 1077 (N) as 


can be easily claculated from the Ky of ammonia (Kp=1.8 x 10~). 
tate the hydroxides of Fe, 


Such low [OH-] is just enough to precipi 
Al and Cr and none else. 

After separating the hydroxides, HS is passed through the ammo- 
niacal solution. Ammonium sulphide is formed which being a salt 
<< #mses to produce a high concentration of S~ ~ ions, high enough 


18 


the precipitation o. 
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for the precipitation of the sulphides of zinc, cobalt, nickel and 
manganese. 


Exampte 12. Will decinormal Mn+ containing N|100 acid be precipitated by pass- 
ing H:S? 

Putting [H*]=0.01 in equation (ii) we get [S— ]=10-?. Thus, the maxi- 
mum value of [Mn++] x[S~ -] in the given solution is =0.1 x10-!°=10-?° which 
is about one hundred thousand times lower than the solubility procuct of MnS, 
1.4% 10-35. So, no precipitation wiil occur. 


NH,Cl as an Adjunct to NH,OH—NH,OH will normally pre- 
cipitate Mg** as hydroxide, but in the presence of NH,Cl, Mgt, 
Zni+, Mn++, etc. are not precipitated which is explained as follows. 
Ammonium chloride depresses the dissociation of ammonium hy- 
droxide (NH,OH =NH,*+OH-) by the introduction of the 
common ion NH,*, producing a ‘buffer solution’ of lower OH- ion 
concentration. This low concentration of hydroxyl ion can still 
exceed the solubility product of the hydroxides of Fe, Al, etc., but 
not those of Zn, Mn or Mg, and so, the latter hydroxides whose solu- 
bility products are high are not precipitated by this reagent in Gr. 
TII (a). 


Exampre 13. Calculate the concentration of OH- ion in a 0.1 N ammonia solution 
containing 3 (N) NH,Cl, given 1.8 10-5 to be the disscciation constant of ammonia. 
[NE] x [OH] T i 
-NAOH ~ = 1.8x10-58 


Since the ammonia is very little dissociated, we should have [NH,OH]=0.1 
d +]=3, which i i bove: equations gives [CH=|=1. 
sy IVE sph substituted in the akove equation gives [CH-]=1.8 


Preparation of Pure NaCl—The precipitation of sodium 
chloride by the introduction of HCl gas in a saturated solution of 
common salt, is also due to a similar cause. The HCl introduces a 
high concentration of Cl- ions and so, in the solution the existing 


ionic product [Na+] x[Cl-] exceeds the solubility product of sodium 
chleride, which therefore falls out in the pure state. 


Examere 14. The solubility prodvct of lead sulphide is 3.4% 10-*8, What sul- 
phide ion concentration. will be required to just precipitate lead sulphide from an one-thousandth 
molar solution of a lead assuming complet disscciation? 

In the given solution, the conccntration of lead ion [Pbt+ ] is 0.001 M. We 
have to fnd out the concentratior of sulphide ion, [S~~ ] which just reaches the 
solubility procuci of lead sulphide, FbS. 


jue. [Pbt#] x[S—]=3.4 x 10-28 or [0.001] x[S—]=3.4 x 10-28 
or [S—]=3.4x10-%. 


Exampce 15. Calculate how much hydrochloric acid is to be added to a 0.001 molar 
lead salt solution to just prevent precipitation when saturated with HyS. Assume complete dissocia- 


tion for hydrochloric acid and the lead soit, given Ka for H.S is 1.1X 10-*8 and K, for PbS is 
3.4% 10-78, 


[S-- ] necessary to just start precipitation of FLS is 3.4 x 10-35 (See frevicus exemple), 


The acid should supply such hydrogen ion conc. as produces the aktove value of 
{S—]. Now for H,S52H++S—, we have, 


UH? x 3.4.x 10-25=1.1 x 10-28 
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or [H+]=5.7 mole/litre i.e. any acid strength strorgr than 5.7 normal will com- 
pletely prevent precipitation ef lead from the above solution. 

Exampie 16. The solubility of BaSO4 is 2.3 x 10-* gms. per 100 c.c. of water. Cal- 
culate the percentage error in washing 0.2 gm. of BaSO, precipitate with (a) 1 litre of water 
and (b) I litre of N|100 H,SO, |Ba=137, S=32, O=16]. 

(a) BaSO, dissolved per litre=2.3 x 10-* x 10=2.3 x 10-* gms. 

-3 

Percentage error= ax © x 100=1.15%. 

(b) Solubility ~f  BaSO, _ (s)=2.3 x 10-°/233.4 moles|litre. [Since mol. 

wt=233.4]=0.985 x 10-5 mole/litre. 

Solubility product, K,=s*=0.971 x 10=° 

Let x gm. BaSO, dissolve in 1 litre of V/100 H,SO; 

[Batt ]=x/233,4 moles/litre. 

Now, the sulphate ions are supplied from two sources ; by the dissociation of 
sulphuric acid in solution and by the dissociation of the salt BaSO;. The former 
source gives [SO,— ] ions of 0.01 (N) 40.01 molar and the latter x/233,.4 molar 
concentration, r 

Total conc. of [SOs ] ions=[ (x/233.4) +0.01/2] gm. ion/litre. 

Inserting values in the equation, K,=[Ba** }x[SO.— ] 

0.971 x 10-10 = (x/233.4) x [(x/233.4+-0.005] 

Or, x=4.53 x 10-8 gms. 

Percentage error=(x/0.2) x 100=0.00227%. 
_ Exampce 17. The dissociation constant of acetic acid is 1.8% 10-*, calculate the H+ 
ion conc. of a 0.01 (N) acid solution, and its pH. 
g ett _ =K or, ——— = 1.8x10-5; neglecting oc in the denominator, 
— 
and solving we get, a=4.24 x 10-* 
(H+]=a/v=ac=0.01 x4.24 x 10-2=0.000424 gm. ion/litre. 
PH= —log 0.000424= —log (4.24% 10-*)=S.37. 


EXERCISES 


1. Deduce Ostwald’s dilution law and discuss its limitations. How do you 
experimentally determine the degree of dissociation and the dissociation constant 


of acetic acid? EA Beate Me 

2. The Ostwald dilution Jaw constant for ammonia solution is 0.17 x10" 
issociati i 0.1 M solut: 

Calculate the degree of dissociation and Ht jon he anes 4 oe 


of ammonia at 25°C (Ky=10™)- : i 
_ .3. The solubility of lead iodide is 0.7 gm ee litre and that of lead chloride 
is 1,1 x 10-3 mole per litre. Calculate their solubility Pra 033 6S A 

4. Wh derstand by the term “solubility procuct”? What is the 
relation vhat go) Yubility of a binary electrolyte ard solubility product? Wl.at 
are the factors which vitiate the above somple relationship? 

How does it explain the different reactions in analytical chemistry? 

A litre of a saturated solution of silver bromate contains 0.0081 gm. mole of the 
salt : c=0,0785 mole of silver nitrate is then added. Calitate, thie new solybiity 
“S” ofsi ing both salts to be completely dissociated in solution. 

S” of silver bromate assuming both s pletely Os soo 

5. The solubility of barium sulphate at 28°C is 0.002334 gram peue 

Calculate the solubility product of the salt, assuming it to be completely ie 10-2) 


phate at 28°Cinan ammonium sulphate 
phate per litre, assuming complete 
[233 x 10-® gm/litre approx.] 


What will be the solubility of barium sul 
solution containing 13.2 grams of ammonium sul 
dissociation?  [Ba=137.4] 
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6. The dissociation constant of NH,OH is 1.8x10-5. The solubility pro- 
duct of magnesium hydroxide is 1.22x10-4. How many gms. cf solid NH,Cl 
must be added to a mixture of 50 c.c. (N) NH,OH solution and 50 c.c. (N) MgCl, 
solution so that precipitate of Mg(OH), just disappears. It is assumed that the 
volume of the solution is not changed by dissolving the solid NH,Cl and that dissocia- 
tion of the neurtal salt is complete. [1.29 (N) NH,Cl ; 6.89 gms. prt 100 c.c.], 

7. On the basis of the electrolytic dissociation theory, explain clearly the use 
of dilute hydrochloric acid in the second group and of ammonium chloride in the 
third group of systematic qualitative analysis of inorganic bascs. 

8. The solubility of AgCl in water decreases, reaches a minimum and then 
increases on gradually adding KCl; whereas KNO; only increases the solubility. 
Explain why. 

9. Knowing that the solubility of AgCl is 0.0015 gm. per litre at 18°C, calculate 
(a) the solubility product of this salt ; (b) the quantity of AgC] which remains. 
dissolved if one adds a solution of NaCl such that the total concentration of it is 
0.4585 gm. of NaCl per litre. [Na—23.4 ; Cl—35.5 ; Ag—108.0] 

[1.09 x 10-29 ; 2.01 x10-® gm. /litre}; 

10. Comment on the fact that magnesium hydroxide is fairly soluble in a solu- 
tion of ammonium chloride but is almost insoluble cither in sodium or in potassium. 
chloride solutions. 

11. Why is a solution of sodium carbonate alkaline and a solution of copper 
sulphate acidic to litmus? 

12. The degree of hydrolysis of 0.01N solution of KCN is 4per cent. What 
is the value of the hydrolytic constant? How is this constant related to the dissocia- 
tion constant of hydrocyanic acid? [1.667 x 10-5} 

13, Anion hydrolysis is favoured by acid solution and cation hydrolysi: 
basic solution. Explain why. 7 2 1 

14. On what experimental evidence it is concluded that water is clectrolyti- 
cally dissociated to a small extent? What is K,, and its unit? What is conductivity 
water? How is it prepared in the laboratory? 

__ 15. Suppose by some mechanism all the hydrogen ions and hydroxyl ions present 
in a sample of pure water is instantaneously removed. Will this treated sample 
of water be a perfect non-conductor? Discuss thoroughly. 

16. Calculate how many hydrogen ions are present i -millionth 
one c.c. of pure water at 25°C (K,,=10-4). R Sr mn [60.3 AEST 

17. The ionic product of water increases with temperature. Why this is so? 
How does this fact affect the amount of hydrolysis of a salt and also the PH value of 
a dilute solution of (i) a strong acid and (ii) a strong base? 

18. (a) Prove that the ratio of the H+ ion concentrations of two very weak 
acids at the same dilution is independent of concentration. 

(b) If the ratio of their dissociation constants be 160, prove that the difference 
in pH value of any pair of solutions of the acids at equivalent dilution is about one 
unit of pH. 

19. The dissociation constants of ammonia and acetic acid being equal, what 
would be the fH of an ammonia solution, ifthat of an acetic acid solution of equal 
strength is 3.2, given K,, for water is 10-14. What is the unit of K,? 

[10.8 ; conc.2] 

20. Calculate the degree of electrolytic dissociation of monobromacetic acid 
from the following data : 


Vinlitre s t 32 128 oc 
Equiv. Cond. ad 73.2 130.4 385.9 


What is the affinity constant of the acid? 
[18.9%, 33.7% ; 1.39, 1.35 x 10-8] 
21. Calculate the pK, of the conjugate acid of the [OH]- ion at 25°C [15.7], 


CHAPTER XVIII 
ELECTROCHEMICAL CELLS 


Galvanic Cells—Cells which are capable of producing electric 
current at the expense of some physicochemical process going on 
inside it are called galvanic cells or, according to modern usage, 
electro-chemical cells. The potential difference which exists between 
the two electrodes of a cell on open circuit is called the E.M.F. of the 


cell. 
Daniell Cell 


as Zine sulphate : Copper sulphate z 
(—) ZING solution 5 solution COPPER (+) 


The origin of an E. M. F. in a cell is not difficult to understand. 
Examining a very familiar type of cell. say, the Daniell cell, we find 
that it essentially consists of two electrodes, one of zinc and the other 
of copper, dipped into zinc sulphate and copper sulphate solutions 
respectively, the two solutions being separated by a porous parti- 
tion, The zinc sulphate solution contains zinc ions, Zn** and so, 
when metallic zinc is placed in contact with it, a definite equilibrium 
between the solid zinc and Zn** ions, as represented below, is 
established, 

Zn + 2e Zn 
Of course, the electrons are present 


where e represents an electron. 
r its conductivity. So, whenever 


in the solid, and are responsible fo ‘ 
zinc is in contact with zinc sulphate solution, a definite pressure of 


electron is created at the interface, which results in the establishment 
of a potential difference between the zinc electrede and the solution. 
Similarly, a definite electron pressure and so, a potential difference 
is established at the interface between copper and, copper sulphate 
solution, owing to the establishment of the equilibrium, 
Cutt + 2e z> Cu 

It so happens in this case that the electron pressure on the zinc 
electrode is higher than that of the copper electrode and so, on con- 
necting these externally with a piece of wire a steady stream of electrons 
flows through this wire from zinc to copper tending to equalise the 
Potential of the two electrodes. However, this flow of electrons 
Causes some more zinc to ionise and some more copper to get deposit- 
ed with the net effect that a steady current is obtained at the expense 
of a chemical reaction which is represented by the equation, 

Cutt + Zn = Cu + Znt** 

ard all electric cells as devices or machines 


Therefore, we can reg 1 
onverted into elec- 


where the energy of a physicochemical process is © 
trical energy. 

Reversible and Irreversible Cells—In order to be able to 
apply exact thermodynamic methods to cell reactions if has been 
Ound necessary to distinguish between reversible and irreversible 


278 ELEMENTARY PHYSICAL CHEMISTRY 


cells because the thermodynamical treatment is applicable only to 
the former type of cells. We have shown in the section of thermo- 
dynamics (P. 126) that the definition of reversibility necessitated two 
conditions : (a) that the process operates under a condition that the 
driving force is infinitesimally greater than the opposing force and 
(6) that the process can be completely reversed if an external force is 
applied which is infinitesimally greater than the driving force of the 
system. Any cell which satisfies these two conditions is a reversible cell. 

Suppose to a Daniell cell we apply an external E.M.F. in- 
finitesimally smaller than its own E.M.F. The cell reaction, 
Cut+-+Zn—Cu-+Zn*+ will go on extremely slowly in the direction 
shown by the equation. After the reaction has gone forward to some 
extent, suppose we increase the external E.M.F. to be infinitesimally 
greater than the E.M.F of the cell. The cell reaction will now go on 
in the reverse direction, Cu--Zn*++—Cut+-+-Zn and by maintaining 
the external applied E.M.F. long enough it is possible to restore the 
original condition. Such a cell is called a reversible cell. This cell, 
however, is not strictly reversible because we can never restore reversi- 
bly any diffusion which might have taken place through the porous 
partition during the functioning of the cells. However, this cell 
is a fairly close approach to a reversible cell and for all theoreti- 
cal purposes can be so treated. 


From the above discussion it is apparent that if anything hap- 
pens in any part of the cell which is not reversible, the cell itself 
becomes irreversible. In many cells gases are evolved. Evidently, we 
cannot restore back the gases with an applied external E.M.F. Such 
cells should be regarded as irreversible. Many other types of irre- 
versible process are conceivable, and any cell, which operates even 
partly on any such irreversible process, is to be regarded as irreversible. 


Free Energy of Reversible Cells—It was shown in our study 
of thermodynamics (P. 135) that any chemical reaction reversibly 
conducted can yield some external work, and the net work performed 
in the process, if conducted reversibly at constant temperature under 
a given pressure, is equal to the decrease in Gibbs free energy of the 
system, — AG. In the science of electricity whenever a quantity of 
electricity is transported across a potential difference, electrical work 
equal to the product, quantity of electricity x potential difference is 
done. Since one faraday of electricity (F) is associated with one 
chemical equivalent, nF quantity of electricity needs be passed if the 
cell reaction concerns n chemical equivalents. If the E.M.F. of the 
cell is E, the electrical work is nFE. Therefore, we have, 


Decrease in free energy=Electrical work done wo, LOSE 
or, —AG=nFE ; or AG=—nFE ax, L892 
This equation is of great importance as it gives an expression 


for the free energy change of the chemical reaction going on inside 
the cell in terms of measurable quantities. 


Application of Gibbs-Helmholtz Equation—The question now 
arises how much of the heat of reaction is converted into electrical 
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energy. Taking a concrete case of the Daniell cell, where the re- 
action is : Zn--Cut+*=Cu-+Znt+ 
we might take a moie of copper sulphate in solution in a beaker and 
put a gram atom of zinc and measure the amount of heat which 
is evolved in the above reaction. We might also measure the E.M.F. 
and multiply it by 2F (since 2 chemical equivalents are involved in 
the above reaction) and convert it into calories. Will these two 
heat terms be equal? Will the heat of reaction (— AH) be equal 
to the electrical work (2FE) obtainable from the cell? Gibbs-Helm- 
holtz equation supplies a clear answer to this question. According 
to the definition [eqn. 10.15] of Gibbs free energy change (AG), we 
have at constant temperature, T:— 
AG=AH-TAS or AG—AH=—TAS 

Since we measure AH in a calorimeter and AG by E.M.F. 
measurement, these two terms AG and AH will generally not be 
equal but their difference is equal to —T AS, where A S is the in- 
crease in entropy in the above chemical reaction. 


Applying Gibbs-Helmholtz equation, [eqn. 10.21], we have 


AG 
G=AH+T (= 
AG=AH+ te J; 
Substituting AG=-—nFE, and noting that — A H=Qp, the 
heat of reaction at constant pressure and with proper transposition, 
we get, 


3E 
— AH (=Q,) =nFE—nFT (ae no a3 


where Cake the rate of change of E.M.F. with temperature, 


ie. temp. co-efficient of E.M.F. This equation. correlates the heat 
i with the E.M.F. 


of reaction at constant pressure, — AH ie. Qp 

and the temperature co-efficient of the E.M.F. of the cell. It would 
be observed from the above equation that if the E.M.F. of a cell 
increases with temperature, the electrical energy produced (nFE) 
is greater than the chemical energy (— AH) of the reaction ; on the 
other hand, with negative temperature co-efficient of E.M.F. the 
reverse is true. In case the cell does not change its voltage with 
temperature, the heat of reaction at constant pressure, — AH will 
be equal to the decrease in free energy, — AG t.e., nFE, and during 
working the cell will neither absorb nor evolve any heat, as the electri- 
cal energy produced is exactly equal to the chemical energy of the 


the reaction. Hence, we may summarise as follows :— 


If E.M.F. increases with T, Ele 
„ decreases with T, ,, » 
, does not change », 3» 

with T, 


ctrical work is greater than Heat of reaction, Qp 
is less than 53 n » 
is equal to Ae 38 ” 

Experimental Text of Gibbs-Helmholtz Equation “We Fes 
test the above equation [eqn. 18.3] by calculating — AH from B.M.b. 
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data and comparing it with the value measured calorimetrically, as is 
` done below for the reaction, 
Zn+2AgCl=ZnCl, (0.555 molal) +2Ag. 

The electric cell corresponding to the above chemical reaction is 
easily constructed by dipping a zinc electrode and an Ag, AgCl 
electrode (silver coated with silver chloride) in a 0.555 molal zinc 
chloride solution. The observed E.M.F. of the cell at 0°C is 1.015 
volts and its temperature co-efficient of E.M.F. is =4.02 x 10-4 volts 
per degree. These values are substituted in equation 18.3, and 
converting the electrical work term which is in Joules into calories 
by dividing with 4.1833, we obtain — AH=51,990 calcories. The 
calorimetrically measured heat of reaction for the same is 52,050 
calories, which is in excellent agreement with the above value. Hence, 
we can determine the heat of reaction from only E.M.F. measure- 
ments for all reactions for which suitable electric cells can be devised 
to carry out the reaction reversibly, 


Notations and Sign Convention—For purpose of convenience 
we shall follow the notation of representing a cell by writing the 
chemical symbols of the electrodes and the solutions in the cell start- 
ing with the negative electrode at the left hand side and ending with 
with the positive electrode at the right extreme. For example, the 
Daniell cell would then be represented as— 

Zn] ZnSO, soln. || h 


| Gu E=1.05 volts. 


eee 
Cell reaction: Zn-+-Cut+=Zn+ *+Cu 
We can include the Strength of the solution by mentioning it 
within parenthesis following the symbol for the electrolyte. The 
double vertical line in the above scheme denotes the junction of the 
two liquids, the potential at their interface being generally eliminated 
or minimised by interposing a SALT BRIDGE, i.e. a saturated solu- 
tion of KC] or KNO, between the two half-cells. The arrow below 


denotes the direction of Current inside the cell. Each half of the above 
cell is called a HALF-CELL. 


It should be made clear that we are perfectly justified to write 
the above cell also in the reverse way, 


Cu; CuSO, ll ZnSO; Zn E=~1.05 volts. 


a a he OS 
Cell Reaction + Zn**+Cu=Zn+Cut+ 


will of course be reverse as shown above), 
calculation with a negatve value of the E.M F. 
are easier to deal with and grasp, it is preferab 


tive electrode on the right hand side wheneve 
available. 


Thermodynamic Derivation of E.M.F. of Reversible Cells— 
Whenever a cell reaction or an electrode reaction can be expressed 
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in the form of a chemical equation, the electric potential derivable 
from this reaction can be easily calculated. This is so because thermo- 
dynamic free energy change AG is related to concentration (eqn. 
14.18, P. 226) and also to electrical potential (eqn. 18.2) and so it is 
an easy step to equate the two to obtain potential as a function of 
concentration. Let the cell reaction be 
ALB .. =G+H+.. D 18.4 
According to vant Hoff’s reaction isotherm [eqn. 14.18 (P. 226)], 
after converting pressure into concentration the free energy change 
is given by the expression, 
[G]x[H]x.- 18.5 


o l 

AG=AG°+RT nA x[BIX. 

Substituting —nFE for AG and _nFE° for AG°, where E is the 

actual EMF of the cell and E? is the EMF if all components were in 
in their respective standard state (i.e. a=1) we have— ; 


o RT, [G]xH]x- 
B=E°—— In (R]x[B]X. .. 18.6 

eee heer ae 
y 


ERI 
E=E°— aE nQ 


ssion similar in form to the mass action constant, 
ell as the next one is the key equation for 
the derivation of the E.M.F. of any cell and should be memorised. E? 
is a constant for a given cell because it is related to the standard free 
energy change AG? (which is of course a constant) by the expression 
ll consists of two electrodes we may put 


where Q is an expre 
K. This equation as w 


AG?= —nF. B°, Since a ce. i 
E? =E°,—E*- where E°. and E°_ are constants for the positive 
electrodes respecitively (these as shown later are 

We thus obtain for the 


and the negative ; 
to be called Standard Electrode Potentials). 
E.M.F. of any complete cell the following expression. 


b= (BE) ln Q 18.8 
nE 


ate some applications of this expression to a few 


We shall now illustr: 

typical cells. 

E.M.F. of a Complete Cell—We can utilise the 
sion for the calculation of EMF, of any cell. 
we do the same in the following three steps. 

Step j—Write down the cell in notation (P. 280) and write down 
the cell reaction assuming the current to flow from left to 
right within the cell in the simplest term. 

Step 2—(i) Set up an expression of the form of equilibrium constant 
of the above cell reaction and call it Q. 

(ii) Put all the concentration terms of solids, liquids and also 
ases at unit pressure in Q, equal to unity as these are in 


g 
their standard states. 


foregoing expres- 
For convenience, 
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Step 3—(i) The E.M.F. of the cell, E is given by our key equation, 
viz. equation 18.8 


EE be nQ 


(ii) Separate (RT/nF) in Q into two parts to correspond to 
the two half-cells and express the final result as the differ- 
ence of potential of the two half-cells, t.e. as E=E,—E_ 


The above three-step procedure will cover all types of cell re- 
actions and so we have in a sense learnt to treat all types of cell reactions 
on a common basis. Eqn. 18.8 should be memorised. 


Some Typical Calculations of E.M.F.— 
Example 1 (Daniell cell) 


Zn ; ZnSO, (C;) || CuSO, (C,) ; Cu 
Step 1 :—Cell reaction :— Cut++Zn=Cu+Znit*+ 


Step 2 :—Q= er 
a (since [solid] = 1) 
= f Bet oe In [our] } = fE mza}. 18.9 
Example 2 


$ Ag | AgNO, (c) || KCI, HgCl (s) | Hg 
tep 1 :—We first write down the cell reaction, if 
within the cell from left to right :— eae seca 
Ag+HgCI (s)=Agt-++Hg-+Cl- 
_ ow [Ag Eg] [CH] 
Step 2 :—.. = Ag?) tee tO) 
p Q= Tag] [scl] 
=[Ag*] [CH] (since [HgCI(s)]=1 ; [Hg] or [Ag]=1) 


Step 3 :—E=(E°-—E°+( 2r nQ 


=(B4,-E*) -p hn [Ag] [01 


Separating the two cell-reactions such that E=E, —E_, we 
have 


$ RT 
J. E= {Eag ugar — -p l [C] — {E°ag+ = In [Agt]} ..18.0 
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The equations are correct with respect to sign as they check up 
against the criterion set up in Fig. 97 (See next section). 


_ Exampre 1, Calculate the voltage at 25°C of a cell formed by dipping suver in silver 
nitrate (9.1 molal) and zinc in zinc sulphate (0.2 molal) and connecting them without junction 
potential. 

Writing the cell as Ag ; AgNO, (0.1M) || ZnSO, (0.2M) ; Zn, we have the 
cell reaction, 2Ag+Zn*+ =2Agt+Zn and so the E.M.F. according to the pro- 
cedure laid down in this section is 

[Step 2]:—Q=[Ag*]*/[Zn**] 


A F RT, [Ag]? 
[Step 3]:—E=(E°za—E°ag)— Fy n PE 
A RT 3 RT 
=E'za+ pp in [Zah] — (Bast Pele) a 18.11 


=(—0.762+0.0295 log 0.2) —(0.798-+0.059 log 0.1) =—1.522 volts. 


So, silver would be the positive electrode and the toatl E.M.F. is 1.522 volts. 
Note that it does not matter which cell is assumed positive ; if we have not made 
the right choice the calculated E.M.F. would come out negative as in this example. 
Thus with a table for E° we are in a position with the help of the above procedure 
to calculate the E.M.F. of any reversible cell whatsoever, 


Checking the Correctness of the Sign of the Ion-Terms in 
the E.M.F. Equation of a Complct> Geli -Aficr we have obtained 
the final equation by the three- 
step procedure of the previous 
section, it becomes necessary to 
check up the correctness of the 


pba are ty 


OBSERVED 
VOLTAGE,E =E + —E - | 


equation with respect to sign. d 5+ 
On looking at a cell as shown Ẹ He aa 
in Fig. 97 with respect to the É So Su 
Daniell cell, it is clear that the s Bg ag = 
observed voltage E is simply the BS 6 


Le 


difference between the A and B. 


F Suppose we add morg EEA Fig. 97—Observed Voltage as the 
ions to the copper side of the Difference of two Potentials. 


lution. The potential of the X te 
dapat R because we are adding positive ions 


ill naturally go up i 
ee ‘is observed EMF . will increase 1.é. (RT/2F) In [Cut++] term 
if we introduce more zinc 


I sign. On the other hand, : 
ae hare Alber tic potential of the zinc electrode will of course 


imi icher up, but as can be easily seen from the figure, the 
pany PMF. ‘ilk as a result decrease. This is obvious because 
if A (Fig. 97) goes up, the difference in level between A and B in- 
creases, whereas if B goes up, the same difference decreases. There- 
fore, (RT/nF) In [Zn**] term should have (—) sign (vide eqn. 183) 
Any equation we arrive at for a cell, must correctly answer the above 
test, and the student should satisfy himself by checking all equations 
of this chapter with respect to these criteria. 


So we formulate the rule— 


(1) For electrodes reversible to positive ions (cations) P i 
(i) Total E.M.F. increases with increase of conc- of the reversible cation 


at the Positive electrode (ie. +(RT'/nF) Ine. 
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(ii) Total E.M.F. decreases with increase of conc. of the reversible cation 
at the Negative electrode (i.e.—RT/F) Inc. 
(2) For electrodes reversible to negative ions (anions)— 
The reverse of (1) takes place. ; , 
The above Sign Rule can be easily remembered by the following memory device, 


suggested by the author:— i aga 
5 Sign of the electrode con- } „ {sie of oxidation rank 
Sign of an Ionterm= taining the ion j of the ion 


This Sigu Rule is presented in tabular form below :— 
Sign before an Ion-term, (RT/nF) In c 


Sign of the Positive ions Negative Ions 
Electrode containing (or oxidants) (or reduc- 
the Ion (+) tants) (—) 

+ + | + 

= = | + 


Thus for cations (or oxidants) at the positive electrode, the (RT/n¥) In c term is 

preceded by (++) sign because (+) x(+-)=(-+); for anions (or reductants), the 

corresponding sign is (—). Similarly for anions (or reductants) at the negative 

electrode, the (RT/nF)In c is preceded by a(+) sign because (—) X (—)=(+); 

for cations (or oxidants) the corresponding sign is (—). 

Note 1: Ion here stands for any species, be it neutral or charged, which takes part 
in the cell reaction. 


Note 2: Ifthe right-hand cell in the cell representation is not the actual positive 
electrode, the above sign-rule would still be correct in the algebraic sense, 
i.e. the calculated value of the E.M.F. would then be negative. 


Half-Cells and Normal Hydrogen Electrode Convention— 
A complete cell may be regarded as the combination of two half- 
cells. It is often convenient to discuss the behaviour of each half- 
cell separately and to regard the E.M.F. of the cell as the resultant 
‘potential difference between the two component half-cells. Thus 
the familiar Daniell cell may be considered as composed of two half- 
cells, viz., Cu/CuSO, soln. and Zn/ZnSO, soln. However, the abso- 
lute value of the potential of a half-cell is not known with certainty, 
though many attempts have been made to obtain the value of the 
single electrode potential. Hence, the potential of a half-cell is gene- 
rally expressed with respect to an arbitrary standard. It is to be noted 
that a half-cell being no producer of electricity has a potential, whereas 
only the complete cell has an E.M.F. 

The universal convention has been adopted to measure or cal- 
culate the potential of any half-cell against a standard hydrogen 
electrode and regard the potential of the standard hydrogen electrode as 
zero. A standard hydrogen electrode (also called normal hydrogen 
electrode) is a hydrogen electrode (vide Fig. 99, P. 306) containing 
hydrogen gas at unit pressure (adsorbed in platinised platinum) in 
contact with a solution containing hydrogen ions at unit activity (i.e. 
unit effective concentration). So symbolically, 

Pt,H,(1 atmos.) | H+(a=1) ; E=zero. 
We should point out that activity is used here in the place of conccntration. It 


has been found that a molar solution of say, hydrochloric acid coes not kéhave like 
having effective [H*]=1, and hence a small correction is often necessary. To deter- 
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mine this correction is beyond the scope of the present book but for our purpose it 
is sufficient to know that all concentration terms used in this chapter arereally activity 
(represented by a) (vide P. 205 & 219). However, the correction for dilute solutions 
is often small and henceforth, we shall neglect it. 


Conventional Half-Cell Potential—Therefore, the conventional 
potential of a half-cell, say, a metal M of valency n in contact with 
a solution of its ions by our definition is its potential against the normal 
hydrogen electrode i.e. it is the E.M.F. of the cell :— 

Pt, H, (1 atmos.) | H#(a=1) || M”+(e) | M 
The cell reaction is: nXx4H, (1 atm.)+M"+=nH+(a=1)+M. 


Applying our general method [Eqn. 18.8] to the above cell re- 
action and remembering that E° [H.] (=0) by convention, and [H.] 
(1 atm)=1, we obtain (see also Table below) — 

ESE? +52 in [M™] .. 18.12 
as the potential of the half-cell of the metal, M in equilibrium with 
M ‘ions. This equation is called NERNST EQUATION. 

Conventionally, the potential of a half-cell is obtained by writing 
the half-cell reaction as a reduction process and regarding the activity 
of the electron as unity i.e. [ e ]=1 (this is equivalent to regarding the 
E° of normal hydrogen electrode as zero). Some examples are shown 


: below. 
Half-Cell Reaction Half-Gell Potential 
Electrode (Reduction) A 
1. Metal/Metal ion Mnt+ne—>M E=E° msaya s] 


nF [Mn* ] [e] 

Applying eqn. 14.18 and 14.19, we have RT 

AG=AG°+RT waT =E? + EE [Met]... 18.12 
(Nernst Equation) 


But according to equation 18.2 
AG= —nFE and AG°= —nFE° : 
Suks ituling these values for AG and This may be regarded as the con- 
AG®, we get (since (Mj=1 & [e]=1 ventional thermodynamic deduc- 
(by convent ion) eqn. 18.12. tion of the Nernst equation. 


E-ra p ae] ET 
2. Silver/Agt Agt+«—>Ag RT 87] [e 
=EPagt a in [Ag] ... 18.12 


Tao 
E=Btou yp" [Gu*T Tel? 


3. Copper/Cu*t Cut++2e—>Cu 
meet =E u+ ln [Cutt] ... 18.12b 


a eee eae 
= —or "TOLI [d]? 
4. Chlorine electrode | Cla(1 atm) +2e à wa [Gl] Le 
Gl, /Gl- 2dr HEC — Sein [C] «+ 18.126 


i i i ion- hile eqns. 18.12 

. 18.12c has a negative sign. preceding the ion-term w 8 

to S ite siz "This js due to the fact that Cl” appears on the right 
hand side of the electrode reaction (reduction), whereas the cations appear on the 


left hand side (vide also our sign-rule, P. 284). 
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Standard Electrode Potential, E°—If in the above expressions 
[eqns. 18.12a, b & c] for the potenital of a single electrode, we put 
[M +] or [X -]=1, we get E=E°. That is, if we measure the poten- 
tial of the electrode at the effective concentration of unity (i.e. unit 
activity vide P. 205) of the reversible ion, we arrive at a poten- 
tial characteristic of the electrode process. This potential is called 
the standard electrode potential (S.E.P.) of the particular electrode 
and is generally designated by E°. 


Hence, STANDARD ELECTRODE POTENTIAL, E° can be 
defined as the potential of an elecirode immersed in a Solution of unit activity 
(effective concentration) of the reversible ion measured against a normal 
hydrogen electrode. The electrode process is as follows : 


(Actual) : M”+(a=1)+n}H, (p=1 alm.) =M-+nH*(a=1) 
(Conventional) : M” +(a=1)+ne=M 
Since the above equation represents a reduction process, standard 
electrode potential, as defined above, is often called, for the sake of 


clarity, standard electrode potential (reduction). A few typical values 
of E° are given in the following Table. 


STANDARD ELECTRODE Porentiars (Reduction), 25°C 


S 


Electrode Electrode reaction E° (volts) 
(Reduction) 
ET uF + 2=F- 2.80 
Pt, Cl, (g); Cl jci + e=Cl- 1.360 
7 2 
ó Pts Ht 40,+2H* + 2e=H,O0 1.23 
= £ |Au, Autt+ Autt++ + 3e=Au 1.06 
2 8 |Hg, Hg.tt Hg,*+ + 2e=2Hg 0.799 
© pw jAg, Ag* Ag + e=Ag . 
VES |Pt; Rett, Fert Fett++ + e=Fet+ 
gi a Quii A ay + 2e=Cu 
alomel electrode ‘Cl, = a 
(Pt) H,, Ht ion ek core G 
Dep (Pb aw Pbt+ + 2e=Pb 
gee Sn, Sn** Snt + 2e=Sn 
S 9:4 |Z, Znt+ Znt+ + 2e=Zn 
362 |Mg, Mgt Mg** + 2e=Mg 
eg & Na, Bh Nat + e=Na —2.715 
a Li, Li Lit 4- e=Li —2.959 


The following points are to be noted about the Table. 


(1) Some authors use an opposite convention for E°-values i.e. their values 
are, negative of our values and so their values are truly S.E.P. 
(oxidation). 

(2) In our table a higher member is displaced bya lower member, fe le, 
Den Ri 2 RES fee is, a bielat member can oxidise a n soa 
zr. So S.E.P. (reduction) can also e called STANDARD 
POTENTIAL (vide P. 295). TRASON 


(3) Note that only elements lower than hydrogen are able to liberate hydro- 
en from acid solution. Further note that all noble metals stand higher 
than hydrogen in the above table. 


(4) This series is sometimes called ELECTROMOTIVE SERIES. 
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The reason of say, sodium having a lower E°-value than silver 
can be ascribed mainly to two factors, viz. lower ionization energy 
and lower heat of sublimation. It is to be further realized that 
E°-values being a direct measure of the Gibbs free energy change, it 
merely shows the feasibility but there may be kinetic factors mili- 
tating against its direct application. For example, from the S.E.P. 
table we shall expect ferric ions to be reduced by bubbling hydrogen. 
This does not however happen to any observable extent, because, the 
high heat of dissociation of the hydrogen molecule (103 kcal/mole) 
makes the energy of activation very high and consequently the re- 
action too slow. Here is a case where the KINETIC FACTOR 


overrules the thermodynamic factor. 


Thermodynamic Significance of E°—The thermodynamic sig- 
nificance of the E° values is simply that nFE? is the decrease in free 
energy, —AG of reaction (i) below. ‘The same reaction is conven- 
tionally written as reaction (ii), as shown in the above E° table. 

(i) M+(a=1)-+}H,=M+Ht (a=1); (i) Mt(a=1)-+e=M 

E° is a very important constant for any electrode process and 
is indispensable for electrochemical calculations. 

Exampne 2. What will be the E.M.F. of a Daniell cell using zine sulphate and copper 
sulphate solution at unit concentrations? 

E=E°, —E°_, where E°, is for the reaction Gut++2e=Cu and EH is for the 
reaction Zn++ +2e=Zn. Now, E%. is the standard electrode potenital for copper 
and E°_ds the standard electrode potential for zinc,i.€., 

E=E°y—E°_=E°cu—((E°Za) =0.344—(—0.762) = 1.106 volts. 


Determination of Equilibrium Constant from E°-Values— 
Since; — AG°=nFE° [eqn. 18.2] and also —AG°=RTmK [eqn. 


14.19], we have 
nFE°=RT In K on HERI 


Therefore, from the above equation we can calculate the equilibrium 


constant, K of any reaction provided the latter can be expressed as 
the net result or combination of two single electrode (i.e. half-cell) 
reactions as shown in the following example. 


inc is placed in a solution of copper sulphate, zinc dissolves and copper 


Exampie 3. If zi f l j 0 
is deposited. Gi how much copper will be left in solution at 25°C if excess of zinc is 


present. 

The above is simply a calculation of the equilibrium constant of the reaction, 
(1) Cutt -+Zn=Cu+Zn** . This reaction is the difference of two reduction 
reactions :—(2) Gutt +2 e—Cu, (E°=0.334 volts) and (2) Zn** +2¢=Zn. (E° 
0.762 volts). ‘Total E°=E°cu —E°Za =0.344—(—0.762) =1.106 volts. Apply- 
ing eqn. 18.13 and remembering that the left-hand-side is in volt-coulombs i.e. 
Joules and so R is to be expressed in Joules (R=8.31 joules) we have 2F x 1.106 
=RTX2.303log K .. log K=2x1.106/0.059=37.5 (Note 2,303 RT/F= 
0.059 at 25°C). So, under usual conditions there will be practically no copper 
ions left in solution. Note that we have subtracted the two E° values bocaue Sine 
(1) =eqn. (2) —eqn. (3) i.e., the total E.M.F. is expressed as the difference of two 
reduction potentials by our convention. 

e of E. M. F. Measurements—One of the most im- 
al chemistry is to determine theoretically to 


al or hypothetical reaction would go i.e. to 


Importance . 
portant goals of physic 
what extent a given re 
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obtain an expression for equilibrium constant, K. Eqn. 18.13 opens 
the road towards obtaining the equilibrium constant of practically 
any reaction from E. M. F. measurements, provided the reaction can 
be expressed as an algebraic sum of a number of half-cell reactions. 
Exampe 4. Find the equilibrium constant of the reaction (25°), 
2Fe*+ +Sn2*52Fe** +Sn*+ 
The given reaction is the difference of the following two reduction reac- 


tions. 
(1) 2x (Fe?++e=Fe**) E°=0.771 
(2) Sn‘*¥+2e=Sn** E°=0.136 


. E? for the reaction =E°(1)—E(°2)=0.771—0.136=0.635 

Using eqn. 18.13, we have log K=nFE]/2.303RT=2 0.635/0.05915=21 

:. K=10%. Note that E° values have been taken from the Table on P, 286 
and that E° being an intensive property has not been multiplied by 2 along with 
reaction (1). Eqn. 18.12 does not permit such thing. 

Classification of Electrodes—Various types of electrodes are 
used of which we shall study only the following types— 

(i) Metal—metal ion electrode including concentration cells. 

(ii) Metal—insoluble salt—anion electrode. 

(iii) Gas electrode, e.g., Hydrogen electrode, chlorine or oxygen 

electrode, etc. 

(iv) Oxidation—reduction electrodes (Redox potential). 

It cannot be too strongly emphasised that this classification is a 
matter of convenience and all cells are basically the same, viz. a 
machine to convert chemical energy into electrical energy whose 
E.M.F. is given by our basic equation 18.8 as shown below. Also, 

_note that the potential of any half-cell can be directly written down 
from our sign-rule (p. 284) remembering that conventionally a half-cell 
is the positive electrode against a normal hydrogen electrode. 


(i) Metal-Metal Ion Electrode—We have already discussed 
-such electrodes (Equations 18.12, 18.12a and 18.126) and recapitulate 
the same below. 

Electrode Symbol: M | M”+ 

Electrode Reaction : M"+-+-ne=M 

seer ys « 1 

i [M] M] 

Substituting this value of Q in our basic equation, viz., eqn. 


~ 18.7, pee In Q, we get the Nernst equation— 


i. B=E+ 82h [MH] 2053 tog ¢ (25°C) 
| This equation is applicable to any reversible electrode consisting of 
a metal in contact with its ions in solution, for example, Zn / Zn 
SO,, Cu | CuSO, Ag | AgNO, etc. Note that if the metal ion con- 
> is increased ten times, the potential intcreases by 59 millivolts at 


centration 


25°C. 
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Specific Ion Electrode—Just as the usual hyd: i i 

ydrogen electrode gives a linear 
rRNS to log [H+ ], recently some glass electrodes have been deanei which 
ma a linear response to the log c of some specific ions, such as Na+, K + and the 
ike. These electrodes are finding increasing application for determination of the 
e ot hese metal ons in solution, since they behave more or less like 

etical sodium electrode, potassi lectrod d . 
are also called ION-SELEGTIVE ELECTRODES. sagan ee eee 


3 See ee ger Cell—(a) A very interesting situation arises if 
oth the electrodes are of the same metal but the concentration of 
the two solutions are different, as for example in the cell— 


Ag ; Ag NO; (¢) || Ag NOs (c2) ; Ag 
> 


_ Here, on the hypothetical passage of electricity within the cell as. 
indicated by the arrow silver deposits on the right-hand cell and dis- 
solves in the left-hand cell, which may be looked upon as silver having 
been transported from cz to c}. Hence, the cell reaction is 
Agt (c)=Agt (4) 3. Qq=elce 
From Eqn. 18.8, (since E°, =E°— and n=1) we therefore get 


E=0.059 log at 25°C. +6 a JENG 
1 


ie., the E.M.F. depends on the relative concentration (and not on the 
absolute values) of the reversible ion at the two electrodes and its 
valency. If ¢/c, is 10, the observed E.M.F. will be 59 millivolts at 
25°C, the stronger solution side being the positive electrode. 

(b) Another analogous cell is obtained by using two electrodes 
where the two electrode materials are at different concentrations, viZ. 
two amalgams or the same gas at two different pressures. For example 
for the cell, Pt, Hy(p,) | H+ | H2(2:), Pt 

Cell reaction : H»(p,)=He(p.) ; <. E=0.059 log pılpa 18.17 

[Note that in (a) the stronger solution makes the positive elec- 
trode but in (b) the lower pressure constitutes the positive electrode.] 

(ii) Metal-Insoluble Salt Electrode—Under this classification 
comes the two most important reference electrodes, viz. the Calomel 
electrode and the Silver—Silver chloride electrode. 

(i) Ag-AgCl Electrode—This electrode is formed by.a_ silver 
wire coated with silver chloride and dipped in a solution of chloride, 


ze. the half-cell, 
| Cl- (c), AgCl; Ag 
> 


Here the half-cell reaction is AgCl-+e=Ag+Cl- and so we get 


[Ag] x [Cl-] à 
= ESIA lC] s E=E°—0.05915 -]at25°C .. 18.1 
Oae È Jg 0.05915 log [Cl-] at 2 8 
where E° is the S.E.P. (reduction) of the cell reaction (=0.2222 volts). 
Equations 18.18 and 18.19 are just what is expected from the 
criterion set up on.P. 284 or our Sign rule. [GI-] ions are of (—) sign 
_and the electrodes in question by convention are the (+) electrodes 
against a normal hydrogen electrode. Since (—) X(+) = (—), the 


19 
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(RT/F) in c term is to be preceded by a (—) sign, which is found to 
be the case. 

(ï) Calomel Electrode—This electrode is easy to prepare and 
use, and gives reproducible re- 
sults. Itis hence used exten- 
sively as a reference electrode 
for determining the potential 
of other half-cells. It is a 
half-cell made of a mercury- 
mercurous chloride electrode 
in contact with a potassium 
chloride solution saturated ‘ 
with mercurous chloride. In 
symbol, 


g | CI- (e), Hg,Cl, | Hg 


The halfcell reaction is 
Fig. 98—Calomel Electrode 4Hg,Cl,+«>Hg-+Cl-, which 
treated by our standard method (eqn. 18.8) gives 
E » (HEIR ae 
2- Eaux ~ 1 
E=E°—0.05915 log [Cl-] at 25°C ; E°=0.2676 .. 18.19 


Decinormal, normal or saturated KCl solutions are generally 
used ; the potentials at 25° are 0.242, 0.280 and 0.334 volts respectively. 
Of course, these are the conventional value, i.e. value relative to 
the normal hydrogen electrode. The absolute value is unknown. ff 


(iii) Hydrogen Electrode—Just as a metal in contact with a 
solution containing its ions forms an electrode with a definite poten- 
tial given by the Nernst equation, similarly any gas shows a poetntial 
with respect to a solution containing its ions. However, to make a 
steady contact and accurate measurement, the gas is adsorbed in plati- 
nised platinum which is kept dipped in a solution and serves as a 
gas electrode. The most important type of such a gas electrode is 
the hydrogen electrode. 


(Pt) H; ; H+ (a=1) || [H+] (a=unknown) ; H,(Pt) 


Since the net cell reaction effected by the hypothetical passage of 
current in the direction indicated by the arrow, is H+ (a=1)—>H+ 
(a=unknown), the potential E of such an electrode in contact with 
a solution whose hydrogen ion concentration is [H+] is by eqn. 18.8, 


E=E*n,-+0.059 log [H+] a .. 18.20 
Since by convention E°x, is zero, we have 
E=0.059 log [H+] at 25°C . +. 18.20 


Hence, if we measure the electrode potential of the above cell, 
we can calculate [H+] of the unknown solution. This is usually done 
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by coupling the hydrogen electrode with a calomel half-cell. The 
hydrogen electrode in the unknown solution is usually found to be 
the negative electrode in the assembly, t.e. the calomel electrode is 
generally positive with respect to the hydrogen electrode. Thus, the 
observed E.M.E., E of the following set-up at 25°C is as follows. 
Pt, H, ; [H+] || Normal calomel electrode 
E=E,—E_=E (calomel) —E(H, electrode) 
=E cal.—0.059 log [H*] 


=0.280—0.059 log [H*] = .. 18.21 
E—0.280 
— += —_ ac .. 18.21 
log [H*] 0.059 8.21a 
Since, by definition pH=—log [H+] (P. 303), we have 
Exbserved —Ecalomet _ E—0.280 s 
mi 0.059 ` 0.059 S ach 


This equation will be used in the experimental determination 
of pH as will be shortly explained in the next chapter (P. 306). 


Glass Electrode—Glass electrode is more convenient to use 
than hydrogen electrode and is similar in response to pH as a hydrogen 
electrode except that its E° is not zero. It is a small thinwalled 
bulb filled with acid containing a platinum wire. The glass bulb 
is immersed in the solution whose pH is to be measured. The poten- 
tial of the glass-solution interface depends on pH and is linearly related 
to pH in the same way as a hydrogen electrode. So, by calibration 
with a buffer of known pH it can be used for determination of pH. 

(iv) Redox Potential—If we have a bright platinum wire in 
contact with a solution containing a reduced and an oxidised form, 
either or both of which are ions, we have got a half-cell which is very 
often reversible. Thus, for the ferrous-ferric half-cell, 

| Fet+, Fet** | Pt 
standard hydrogen electrode is #H, 


the cell reaction against a ! c 
i may be conventionally written as the 


--Fet++—Fet+--H+, which 


reduction reaction, 
Fettt-te=Fet 


and so, the E.M.F. of the half-cell, following our usual thermodyna- 
mic procedure according to equation 18.8, is 
° Rp Ee .. 18.23 
E=E°(Fett/Fet*")+ op“? Fett 
where E° (Fet+/Fet*+_ ) is the S. E. P. (reduction) ie. S. E. P. of the 
reaction, Fett+--e=Fet*. 

It shouldbe realised by now that all the preceding equations for 
E.M.F. are special cases of the following general equation 
_po(Reduced form), RT n [Oxidised form] 

A (Oxidised form) nF [Reduced form] 
ie " .- 18.24 


RT 
Or E= E?°(red./ox.) + nE In [red.] 


E 
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where E? ( redfox. ) is the standard electrode potential for, the 
reduction process [S.E.P. (reduction) ie. redox potential]. If the 
student memorizes this equation, he will be in a position to write down 
the electrode potentials of all half-cells and so the E.M.F. of all cells. 
Standard Oxidation Potential (Redox Potential)—We have 
already shown in Note 2 on P. 286 that S.E.P. (reduction) is a 
measure of the oxidizing power of a system. For example, the follow- 
ing reaction is known to go overwhelmingly in the forward direction 
and practically not at all in the backward direction. 
Cut+-+Zn—Cu+Znt+ 


So we can say the copper is capable of oxidising zinc because E° for 
copper in our S.E.P. (reduction) table on P. 286 is higher than E° 
for zinc. Therefore, E° value is a measure of the oxidising tendency 
of the ion-metal combination. We can therefore, with justification 
call all"E° values [which we have so long called S.E.P. (reduction) | 
the standard oxidation potential (also called REDOX POTENTIAL) 
of the redox system, However, for single reversible ions the term 
S.E.P. is commonly used leaving the term standard oxidation poten- 
tal for the conventional redox systems such as Fe++—¥et++, 
Sn**+—Sn*+++, organic redox systems, etc., though both the types 
are basically the same. Values of the standard oxidation potential 
of a few redox systems are given in the table. 


Redox system Electrode reaction Standard Oxidation 
potential, E° (Volts) 
Co*+—Cott++ Cot+++ es Cott 1.82 
Ma(II)—Mn(VII) MnO +8H++5 e 1.52 
SMn**++4H,0 
He,++—Hgt+ 2Hgt++2esSHg,t+ 0.901 
Fet+ —Fe+++ Fet+++ eSFett+ 0.771 
Hydroquinone-Quinhydrone Q+2Ht+2eSH,Q 0.699 
Sn#+—Snt+++ Sot++++2 e<Snt+ 0.15 
Titt++—Tit+++ Titt++4 eSTitt++ —0.37 


Any redox system with higher redox potential, ze. pigher E° 
(red./ox.) will oxidise any other with lower E° (red.fox ) Thus, per- 
manganate will oxidise ferrous ion because its E° is 1.52 volts as 
against E? (Fe++/Fe+++) which is only 0.771 volts (vide Table) ; for 
similar reasons ferric salts can decolorise those dyes whose E° is lower 
than that of ferrous/ferric system. Redox potentials are of great 
importance for biochemistry because living matter is full of redox 
reactions. It should be also realised that any redox reaction is 
essentially an electron-transfer reaction. So, the redox potential, 
E? is a measure of the electron affinity of a system in solution. 

Applications of E.M.F. Measurements—There are various 
important applications of E.M.F. measurements of reversible cells, 
some of which are listed below. 


(1) Measurement of standard free energy change, AG° of a 


reaction ; Determination of equilibrium constant, K from 
AG’? values, i 
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(2) Measurement of pH with the help of hydrogen electrode, 
quinhydrone electrode, glass electrode, etc. 


(3) Measurement of ionic concentration and so the hydrolysis 
constant, or solubility of a salt. 

(4) Potentiometric titrations, for example, the titration of Cl- 
ion against Ag+ by using a Ag-AgCl electrode, etc. (P. 313). 

(5) Measurement of transport number of ions. 


Electrochemical Protection of Metals—From the table of 
standard electrode potentials it is easily seen that if we have two 
metals in contact, the noble (i.e., the more positive) one will not be 
in the least affected by say, an acid, as long as the less noble one 
remains in contact. For example, if iron is in contact with zinc, the 
zinc will dissolve prior to iron. Advantage is taken of this fact in 
protecting iron from corrosion by galvanising it with zinc. This 
also explains why a copper pipe if connected with an iron water- 
pipe makes the iron corrode out much quicker. This simple idea, 
though basically sound, loses some of its force due to the exist- 
ence of other factors, mainly irreversible electrode phenomena e.g. 
over-voltage, etc. 

However, an outstanding example of the application of this prin- 
ciple is the modern method of CATHODIC PROTECTION of 
pipe lines buried in soil. Hundreds of miles of pipe lines are laid 
to carry petroleum from the mine to the refineries, from refinery 
to port, etc. Such lines would be corroded out very soon and this 
is prevented by using buried electrodes for electrochemical protec- 
tion, i.e. at intervals blocks of magnesium on electrical contact with 
the pipe line are buried along the route and a small current passed 
so that magnesium is the anode and the pipe is the cathode. 
Magnesium is preferentially corroded and is replaced from time to 
time thus prolonging the life of the expensive pipe line. Thus mag- 
nesium is called the SACRIFICIAL ANODE and the method 
is called cathodic protection. City water supply mains are some- 
times also similarly protected under highly corrosive conditions. 


EXERCISES 


1l. Write notes on :—(a) reversible cells, (6) buried electrode for protection 
against corrosion, (c) calomel electrode and (d) concentration cell. f 

2. Define standard electrode potential of an electrode and clearly distinguish 
S. E. P. (reduction) and S. E. P. (oxidation). Discuss the importance of such values 
in physicochemical calculations. 7 

3. Ifa reversible galvanic cell is kept immersed in a tank of water and is allowed 
to send out current reversibly, how will the temperature of the tanks be affected? 
Discuss thoroughly the theoretical principle on wbich your answer is based. 

4. Ifin the previous example the whole cell with the wire carrying ie current 
be kept immersed in the tank of water, what difference would you observe a f 

5. Deduce the potential of a reversible (a) oxygen electrode, (b) electrode where 
the halfcell Fenati is O TONE RE TNO and (c) a cell whose 
net result is the formation of MgBr, in solution. 


CHAPTER XIX 
ACIDS AND BASES ; pH AND INDICATORS 


The Classical Concept of Acids and Bases and their Disso- 
ciation Constants—The classical definition of acids as substances 
éontaining hydrogen ions replaceable by metals and having such 
properties as sour taste, corrosive action, causing colour change of 
indicators, etc., is, qualitatively speaking, quite a sound one but 
difficulties arise as soon as we attempt to arrive at a quantitative 
measure of the strength of acids on such basis. However, all acids 
in aqueous solution increase the H+ ion concentration (vide foot- 
note, P. 258) of water, and all bases decrease the same (and therefore 
increase the OH- ion concentration) and so, a quantitative measure of 
acidity may well depend on this property of acids and bases. 


Since the H+ ion concentration (vide footnote P. 258) is simply 
| related to the dissociation constant of Ostwalds’ dilution law (vide 
P. 259) we can aptly compare the strength of acids and bases by their 
dissociation constants, Ką and Ky, respectively. 
_ [H,0*] [Aq] __a’e 
~ [HA] = 


Base :—B-+H,O =BH++OH- RS Een = 


The above equations are applicable only to weak acids and bases 
and not to strong acids and bases, the latter being strong electrolytes 


(P. 252 & 259). So, we can compare the strength of only weak acids: 
and bases in terms of their dissociation constants (also called protolysis 
constants for evident reasons). 


Acid :—HA+H,05H,0++A- eg! 


In the following table are compiled the values of Kg (dissociation 
constant) for a number of weak acids (and bases) arranged in de- 
creasing order of strengths, which bring out clearly how greatly the 
acids and bases, which we class as weak differ amongst themselves 
in strength. 


Polybasic Acids—Polybasic acids (also called polyprotic acids) 
as for example, phosphoric acid, sulphuric acid, etc. ionise stepwise 
and have separate dissociation constants for the dissociation of each 
proton. Thus phosphoric acid ionises as shown below— 

; = -. g — H] EPO] 
() ByPOQSH +H PO K= PON 
r HIHO: 

(i) HPO sHtO; K rog 


A =. [HE+ O, 
Gii) HPO,-4H++PO;"- ; GS 


The successive steps in ionisation become increasingly more 
difficult because of the increasing negative charge of the acid residue. 
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The higher the negative charge on the residue, the more strongly is 
the proton attracted. This makes K;>K,>K,. For phosphoric acid, 
K,=1.1x 10-2 ; K,=7.5x 10-8 ; K,=4.8 x 10-* ; for carbonic acid, 
K,=4.31 10-7; K,=5.6 x 10-4. 

SSL T L 


Weak Acids Ka Weak Acids (contd.) Ka 
Dichloracetic acid ... 5.2 X 10-2 | Propionic ss R132. DCR Ose 
Oxalic . 3.8 x 10- | Carbonic EEE S 
Sulphurous 17 x 10-2| Hydrogen Sulphide 8.0 x 10- 
Malcic | 1.2 x 10-2? | Hydrocyanic es SUES a a Mr? 
Phosphoric 7.6 x 10 | Boric nO: Omran OR 
Cyanoacetic 3.7 x 10-9 | Phenol toed seh.) Se 9 Me 
Malonic 1.6 x 10 | Hydrogen Peroxide 2.0 x 107% 
Monochloracetic Hacky 3, 1075 7 = 
Salicylic L0 x 10-3 Weak Bases Kp 
Hydrofluoric 9:0) T ON Dicthylamine 1:26 X0 
Gitric 8.0 x 10-74 Dimethylamine SOREA 
Nitrous 6.0 x 107 | Ethylamine 4.6 x 1074 
Formic 2.0 x 10-* | Methylamine AiO X 1058 
Cyanic 1.5 X 10-4 | Trimethylamine 6.5 x 10% 
Latic Er sccm Ose Ammonia ME ve ale 
Succinic 6.7 x 10-5 | Hyrazine D2 KLORE 
Benzoic 6.1 x 10 | Pyridine 2:3 ax L0 
Acetic 1.8 x 10-5 | Aniline 50 mexe alae 
Butyric 15 x 10% | Urea 1.5) Xm LO 


pK-Values : Modern Method of Expressing Acid and Base 
Strength—Though the acid dissociation constant expresses the acid 
strength accurately, it is inconvenient to express it in words. To avoid 
this inconvenience the modern method is to convert Ka as a power of 
10 and express acid strength by the exponent (i.e. power) of 10 with 
sign changed and call this new unit pK. Thus if K, is 10+, pKa=+4. 
So higher pK, means lower acid strength. Expressed algebraically, 


Pa bg Ka. ah 19.1 


This however involves no new principle and is an expedient adopted 
for convenience in expression. This is exactly similar to the method 
of expressing hydrogen ion concentration by pH and the student is 
referred to that section for numerical computation (P. 303). Some 
acid strength values in PK, are given in the table to follow. 


„For bases however a new principle is involved. All bases, as 
pointed out by Brénsted and explained in a later section in details, 


are proton acceptors. Thus, NH; (a base) accepts a proton to form 
for: Q, and so on. 


NH,*, OH- ion (a base) accepts _a proton to form H, 

NH,* and H,O are called CONJUGATE ACID of se NH; 
and OH respectively d or expressing base strength the modern prac- 
tice is to express the pK, value of the conjugate acid. In other words, . 


to express the base strength of ammonia, instead of expressing it in 
terms of K, for NH; (eqn. i) we express it in terms of pKa of the acid 
NH,* (eqn. ii), the conjugate acid of NH3. 
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> k NHA [OH] > g (NHI [H+] 

oE ana ONET, 
<. PKatpKi=pKw n sq 9A 
In other words if ammonia at 25°C has a basic dissociation constant, 
K, of 10-5, its pK, is 5 and its pKa is pK,.—5=14—5=9. The modern 

practice is to say that ammonia has a pK, of 9. 

It should be noted that the higher the pK,, the lower is the acid 
strength and therefore higher the base_strength. From the table 
we immediately see that the base strength is in the order (C,H;)o 


NH>(C,H,)NH,>NH, and therefore the acid strengths of these 
bases (i.e. of their conjugate acids) are in_the reverse order. 


pK Values of Acids & Bases (25°C). 


Acid 


tKa | Base PK, tKa 


Monochloracetic acid 2.86 Diethylamine 2.90 11.1 

p-Nitrobenzoic acid 3.43 Ethylamine 3.34 10.66 
Formic acid 3.75 Ammonia 4.74 9.26 
Benzoic acid 4.20 Pyridine 8.64 5.36 
Acetic acid 4.76 Aniline 9.30 4.70 
Phenol 9.50 Diphenylamine 13.16 0.84 


It should be realised that we are expressing both acids and bases 
as acids, and their strengths in term of the exponent (power) of their 
acid dissociation constant. This method is quite simple and rational, 
and all chemists are advised to get used to this simple system as modern 
chemical literature almost exclusively uses this method of expressing 
acid and base strength. 


Remarks on Strength of Organic Acids—It should be pointed 
out from the table that the strength of an acid increases by the re- 
placement of hydrogen by electro-negative (electron-attracting) 
radicals e.g. C1,CN, etc. in the anion of the acid because this makes 
the —COO- end more positive and so more repelling to the hydrogen 
ion. Thus, in the series, acetic, monochloraceite, dichloracetic and 
trichloriacetic acids, the strength rapidly increases in the above order, 
and in fact, trichloracetic acid is almost as strong as nitric acid. 
Similar remarks also apply to the series acetic, monofluoro, difluoro 


Acid 


CH,COOH 2 cH,COOH | 2 


CICH,COOH 155 FCH,COOH 210 
Cl,cHCOOH 5,206 F,CHCOOH. 303 
C1,GCOOH 120,000 F;CGOOH 185,000 


and trifluoro acetic acids. It should be also observed that carbonic 


acid is much stronger than hydrocyanic acid, which is the reason of 
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KCN getting converted into K,CO, on long exposure to air. Occa- 
sional report of people surviving after taking potassium cyanide for 
suicide purpose is due to the above reaction. Carbolic acid is also 
weaker than carbon dioxide (carbonic acid) and so on passing CO, 
through sodium salt of carbolic acid (C;,H;ONa), the free carbolic 
acid is precipitated ; conversely, phenol dissolves in NaOH but not 
in Na,CO3. 


Strength of Inorganic Acids—The inorganic acids which ap- 
pear to be very strong have the following order of acid strength. 


HCIO,>HI>HBr>HNO,>HCI>H,SO,>H,;PO,. 


_ In oxygenated acids of similar structure the more electronega- 
tive (clectron-attracting) is the central atom, the stronger becomes the 
acid. This is shown in the table below for the S, Se and Te serics as 
also for the Cl, Br and I series by a comparison of strength of acids of 
similar structure. This behaviour is caused by the same factor which 
increases the acid strength of an organic acid by the introduction of 
a negative group. This also explains why sulphuric acid is stronger 
than sulphurous acid or for that matter a higher oxygenated acid 


Acid First Ionisation Acid Ka 
Const., K, 

H,SO, .. 17 x 10-?{ HOC! isin xox 

H,SceO, =. 3 xX 10-2 | HOBr Bo ES 1D 

H,TcOs en 0 | HOT ey See lOS 


than the corresponding less oxygenated acid, because the central 
atom has a more formal positive charge i.e. is more electron-attract- 
ing in the former case. The strength of the hydrogen halide acids 
how ever, is in the reverse direction, viz. HI>HBr>HCl because as 
the halogen atom becomes larger, the charge density becomes smaller 
and so it becomes easier for the hydrogen ion to escape from the 


negative halide ion. 


Remarks on the Strength of Bases—As regards the strength of 
organic bases, diethlyamine, piperidine and guanidine are among the 
strongest ones. It is of interest to note that in the series ammonia, 
methy lamine, dimethylamine and trimethylamine as also in the series 
ammonia, ethylamine, diethylamine and triethylamine, the strength 
increases continously up to the secondary amine and then it suddenly 
drops steeply on passing from the secondary to the tertiary amine. 
It seems as if the crowding of the three alkyl groups round the nitro- 
gen atom somehow screens out its lone pair of electron responsible 
for its basic power (probably by steric hindrance or some other less 
understood mechanism). Also, it is of interest to observe 
that aniline and pyridine are extremely weak in comparison with 
ammonia ; and diethylamine is just about the strongest among alkyl 


and arylamines. 
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Other Methods of Determining Acid Strength—There are 
other method of obtaining an idea of the strength of acids and bases, 
for example by distribution experiments, by noting their catalytic 
power on some special reactions, etc. Such results give at best only 
a semi-quantitative measure; so they do not find much favour at 
present and need not be further discussed. 


Brénsted-Lowry Theory of Acids and Bases—The classical 
definitions of acids and bases assigning all-important position to 
hydrogen and hydroxyl ions are useful and adequate for aqueous 
solution but difficulties arise as soon as attempts are made’ to apply 
them to non-aqueous solutions. Evidently, hydroxyl ion can not have 
any universal significance in respect of basic properties because basic 
functions are well exhibited even by non-hydroxylic bases in non- 
hydroxylic solvents, for example, sodamide in liquid ammonia ; 
ammonia and amines in acetic acid or even benzene ; and so on. 
Bronsted and Lowry (1923) proposed a broad-based definition of acids 
and bases which could embrace the acid-base behaviour in all sol- 
vents. They associated the acidic property as usual with the hydro- 
gen ion or proton but bases were defined in a new way and the most 
important point in this new definition was that acids and bases were 
linked with their inherent power of donating and accepting protons 
independent of any solvent. Their definition and some of its conse- 
quences are discussed below. 


These modern concepts of acid and bases are well accepted as being very useful 
though it may be mentioned that Lewis further extended this concept. He included 
even electron-poor nonprotonic substances, for example, BF;, AlCl;, SO2, SOs, etc. 
in the acid class and defined any substance containing an unshared pairof electrons 
asa base. According to him, Brönsted definition was too restrictive (“proton cult”) 
and any kind of coordinate covalency formation was acid-base reaction. Lewis 
concept of generalized acids and bases though basically sound is much less in use ` 
than that of Brgnsted and so we proceed now to discuss the Brönsted theory in 
more details. 


DEFINITION OF AN ACID : 


(i) An acid is a molecular species having a tendency to lose, a 
proton ; 


(ii) The extent of ionisation of an acid in a given solvent will 
depend on the capacity of the solvent for acceptance of 
the proton. i 


DEFINITION OF A BASE : 


(i) A base is a molecular species having a tendency to combine 
with a proton. 
Some important consequences of such a definition are discussed 
below. 
(i) ABSOLUTENESS OF THE CONCEPT OF ACIDS AND 
‘BASES :—The advantage of such a definition is that substances are 


acids and bases in their own right independent of the presence of any 


solvent. Thus, HCl is an acid in the Brénsted sense because it has 


ACIDS AND BASES 299 


the capacity of donating protons ; whether it actually does so depends 
on the conditions but that does not prejudice its right to be called 
an acid. Similarly, OH- ions are bases because it tends to combine 
with protons. 


(i) RECIPROCITY OF THE ACID-BASE CONCEPT : CON- 
JUGATE ACID AND BASE—A logical and very important conse- 
quence of this definition of acids and bases is that since acids tend to 
give protons, the residue after splitting off proton should be regarded 
as a base, because it tends to combine with protons (by the reverse 
reaction). This can be represented schematically as 

HB (Acid) = B-(Base)-+H* 
CH,COOH = CH,COO-+H* aa UOS) 


where HB and B- are termed a conjugate acid-base pair. Thus, acetate 
ions and for that matter all anions, should be regarded as bases. 


Such bases and the corresponding acids are said to be conjugate 
to each other. Accordingly, acetate ion, cyanide ion, free ammonia, 
etc. are all bases since they have the power to combine with a proton 
to form the conjugate acids, CH;GOOH, HCN, NH,*, etc. Similarly, 
HSO,- ion should be ss so n ou base_of sulphuric 
acid. We should rather- call the hydroxyl ion as the base instead of 
designating caustic soda by such name. It is evident that the stronger 
is the acid, the weaker will be the conjugate base and vice versa, i.e. 
the conjugate of a strong species is weak and that of a weak species 
is strong. So, the acetate jon is a stronger base than the chloride ion 
because acetic acid is weaker than hydrochloric acid. 
pt makes it possible to consider the conjugate 
d of the bases themselves. Thus, instead of 
considering the base strength of ammonia we can equally effectively 
consider the acid strength of the NH,* ion, the conjugate acid of 
ammonia (P. 296). This new theory of Bronsted thus makes it possi- 


The conjugate conce 
acid of the bases instea 


ble to regard acids and bases of all typa toa a coat a 
viz. the acid strength of the acids or the conjugate acids he bases ; 
no base strength needs be considered at all. 

(iii) CHARGE TYPE OF ACIDS AND BASES—The Brénsted 
concept makes no special allowance for the charge type of the acid, 
and acids of varied charge types become worthy of our attention. 
Some typical examples (charge—2 to +2) are shown below— 


Acid Base 

HPO s Ht + POr 

HCO,- & Ht + cO,;* 

HCIO s Ht + CIO- i pK = 5.6 
NH,+ s Ht + NH; ze pK = 9.3 


Ca(H,0),*+ H+ + [Ca(H,0),-,OH]* 
(iv) NEUTRALISATION IN THE LIGHT OF BRONSTED 


THEORY—According to Brénsted theory all acid-base reactions are 
merely formation of the corresponding conjugate acid and base. For 
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example, in the neutralisation of acetic acid by ammonia, as shown 
below in (?)— 
@ CH,COOH+NH, == CH,COO--+-NH,+ 
(ii) HCO,-+-OH- — *CO,?-+H,O 
what is essentially happening is the production of acetate ion (the 
conjugate base of acetic acid) and the ammonium ion (the conjugate 
acid of ammonia). Similarly in the neutralisation of the second stage 
of carbonate by alkali i.e. of the bicarbonate ion [HCO,-] by hy- 
droxyl ion (OH-), the carbonate ion CO,?- (the conjugate base of 
the anionic acid HCO,-) and H,O (the conjugate acid of the anionic 
base OH- ion) are formed. So, we can write the general equation 
of all reactions between an acid and a base as 
Acid, -| Base, — Base,+-Acid, on 19i4 
where acid,—base, and acid,—base, = 1 
So, if we know the strength of two acids of the two conjugate pairs, 
acid,—base, and acid,—base,, we can calculate the extent of neu- 
tralisation, i.e. the final position of equilibrium in the above reaction. 
Equation 19.4 is fundamental to the understanding of this new con- 
cept of Brénsted and Lowry. 
(x) ROLE OF SOLVENT—As already pointed out an acid is 
an acid (or a base is a base) independent of the solvent. But most 
solvents have weak acidic or basic properties (sometimes both )and 
so proton transfer to (or from) the solvent takes place giving rise to 
many interesting properties due to the solvated proton. 
Acid {Solvent Conjugate Base+Solvated H+ 
In other words, the solvents merely undergo the general proton 


exchange as envisaged in Brénsted’s basic equation 19.4, some ex- 
amples being shown below (S stands for solvent). 


are conjugate acid—base pairs. 


Y 


APD ADMD dh AP uP TÌ 


+ 
+ 
+ 
ae 
+ 
+ 
+ 
+ 


t+t+4++44] + 


ns remain as H 
called hydronium ion), in liqui 


30* (oxonium ion also 
NH,*, in glacial acetic 
The extent of acidity depends on 
oes from left to right. In fact, for 
action goes practically to comple- 
n te y ppear to be almost equally strong. 
This is called LEVELING EFFECT OF SOLVENT. RE re 

The fruitfulness of the above idea is at once evident when the 
so-called strong acids, HCI, HNO,, H,SO,, HCIO,, etc. are dissolved 


This is theoretically much simpler a 
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in a solvent like acetic acid, which is a poor acceptor for protons, 
It is observed that though they are of practically equal strength in 
water, all these acids behave like comparatively weak acids of unequal 
strength under such conditions, and their strength can be compared 
in this solvent. Ši 


An extreme case is supplied by solvents like liquid HF which 
have not the least power to accept protons. Here, even strong acids 
like nitric acid will not be able to manifest acidic properties, as no 
transfer of proton from the acid to the solvent is possible. In fact, 
the transfer of proton takes place in the reverse direction viz. from 
the solvent to the nitric acid [vide eqn. (é)]. Now, if we compare 
this reaction with what takes place when ammonia is dissolved in 
water [eqn. (i) ], we find an exact analogy. 

(i) HNO,-+-HF->H,NO,+-+F- 
(ii) NH,--HOH—>NH,++OH- 

Hence we have as much reason to call ammonia and OH- ions 
as bases, as we have to call here nitric acid and fluoride ions as bases. 
‘This nicely confirms Brénsted’s theory, that the anions of all acids 
are bases and that even a typical strong acid like nitric acid may 
function as a base in a suitable solvent. 


Suppose we dissolve a very weak base say, aniline, in glacial 
acetic acid. The following solvolytic reaction will immediately take 
place practically to completion. 

C,H;NH,-+CH,COOH = = C,H;NH;*+CH,COO- (base) 

This will liberate an equivalent concentration of tbe GREDO 
ton, which, according to our definition, is a fairly song ae es 
the solution will be a strongly basic one. In fact, ani ine ead Oe 
very weak bases like pyridine, etc., which are mpossip e oe in 
in aqueous solution with any degree of errs il appear to 
‘glacial acetic acid solution. So, an acidic 20 en hat Fea ee 
increase the strength of a base, and a basic so vent 


ich i le of neither 
etc. which is capab. r 
PEE E eran tes will be neither basic nor 


Onating nor accepting protons, dia fi tra- 
„acidi © serve as media for neutra 
scidic; ever theless such solvents may also serve 


lisation reactions. ; p 

(vi) HYDROLYSIS IN THE LIGHT OF BRONSTED COs 
CEPT—The new concept provides a simple methi fof er 
$ Ydrolysis of salts. A solution of sodium, acetate is PAG eee 

Contains the strong base, the acetate in Tote N: 
70n is a strong base because its conjugate acid, a ea ue 
(P. 299), Similarly, NH, Cl solution rent E z ap Con RE 
This i a ae a een sae ie elegant than the classi- 
h phenomenon as hydrolysis of salts 


(P. ‘9 


“al method of treating suc 
64), 
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r6 oncept makes it clear that a variety of 

a E e ee by different names in classical 

A chemistry, viz. (i) dissociation (of acids and bases), (ii) hydro- 

ee (ii) neutralization and (iv) buffer action, are basically the same 

A as given by the basic equation of Bronsted theory (equation 
19.4) and so are all subject to the same mathematical treatment. 


According to this new concept the development of acidic 
Bae eee Er dees on the type of solvent and in the above discussion pe 
have roughly classified them into three divisions. (1) Solvents pian can tal e 
up proton e.g. H,O, etc., called basic or PROTOPHILIC solvents ; (2) Solvents hich 
can donate protons ¢.g.., H,O, HF, etc. called acidic or PROTOGENIC solvents, an 
(3) Solvents which cannot participate in proton transfer, e.g. hexane. penzengi etc. 
called inert or APROTIC solvents. Water, alcohol, etc. which can both donate and 
accept protons are called AMPHIPROTIC solvents. 


Amphoteric Electrolytes or Ampholytes—An amphoteric sub- 
stance is one which can behave both as an acid and as a base and 
in solution can give rise to both hydrogen and hydroxyl ions. Common 
examples of ampholytes are water, Zn(OH), Al(OH), etc. For 
example, Zn(OH), may be supposed to be capable of ionising in two 
ways. 


(1) Zn(OH), == Zn*+*++2(OH)- 
Alternatively, (2) Zn(OH), = »2H++ZnO,- - 


Acids favour the first type of ionisation by removal of OH-, 
whereas alkalies favour the second type of ionisation by removal of 
H+ ions. So, an acid solution of Zn(OH), contains Zn*++ions which 
migrate on electrolysis towards the cathode; alkaline solution con- 
tains zincate (ZnO,-~) ions which travel-on electrolysis towards the 
anode. Such electrolytes are called ampholytes. It might be noted 
that water itself is an ampholyte. 


Amino-acetic acid (glycine), NH,CH,.COOH, affords a very inter- 
esting ampholytic behaviour. It is both an acid and a base and can 
ionise in two ways, depending on the base or acid added to its solution. 

(1) NH,CH,COOH+H,O —=+NH,CH,COOH+OH- 

(2) NH,CH,COOH + H,0 ==NH,CH,.COO-+H,O+ 

If both types of ionisation occur from the same molecule, an ion 
carrying both a positive and a negative charge is left. Such ions are 


called zwitter or dual or bipolar ions. 
NH,CH,COOH+H,0 == 'NH,.CH,.COO- + H,O. 


Probably an amino acid exists in aqueous solution near its iso- 
electric point (P. 366) almost wholly as zwitter ions. 


/ #H AND INDICATORS 


The student is reminded that free H+ ion is practicall i i i 

p cots pear ly non-existe: 

and in water it exists chiefly in the hydrated from H,O* called AAE km za roan 
ion (P. 258). It should be therefore understood that wherever we mention Ht 
ion in aqueous media we really mean H,O+ ion. 
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Secondly, throughout this book and particularly in the following discussion we 
have chosen to simplify our treatment by the approximation of employing concentra- 
tion in place of activity. So in all our discussions of ionic equilibria in this section, 
all concentration terms, such as [H+], [OH-] etc. should really be activities of the 
corresponding ions, if rigour is insisted upon. The difference unfortunately is by \ 
no means negligible except in extremely dilute solutions, but for the sake of simpli- 
city as is necessary in an elementary treatment, we have ignored this in the following 
discussion. 


an or Power of H+ion—In aqueous solution [H+] may vary 
over a wide rangee In acid solution [H+] is very high whereas in 
alkaline solution [H+] is very low. However the product [H+] x 
[OH-]=K,, remains constant at constant temperature. 


Of course, we can express [H+] in the usual manner, viz. in gram 
equivalent per litre. For example, in a say, N/3000 HCl solu- 
tion [H+]=3.33 x10~4.. This is a rather cumbrous expression and 
to avoid this drawback Sorensen proposed to express [H+] as a power 
of 10 and mention only the power with sign changed and call it pH. 
This pH would thus normally be a small positive number and would 
give a clear idea of the [H*] or acidity and alkalinity of a solution 
For example, for the above solution [H*+]=3.33 x 10-4=10-3-48 and 
so, the pH is equal to 3.48. So pH is just a shortcut way of express- 
ing [H+] and consists in expressing [H+] as a power of 10, and mention- 
ing only the power with sign changed. 


Definition of sH—So, we can formally define the pH of a solution 


as the negative exponent of its hydrogen ion concentration i.e. logarithm 
of hydrogen ion concentration with a negative sign. Expressed 
algebraically, 


pH = —log [Cu*] T wll: 
where [Cu*], as usual, stands for hydrogen ion concentration, [H+]. 


The idea is more simply grasped by noting that a ten-fold 
decrease in hydrogen ion concentration corresponds to an increase of one 
pH unit. In other words, a solution of pH 3 has ten times 
stronger hydrogen ion concentration than one of pH 4, and pH 4 in 
its turn implies ten times more Cu+ then pH 5, and so on. It 
therefore also follows that doubling the hydrogen ion concentration 
will decrease the pH by log 2 ie. by 0.30 units. So if a N/1000 
HCI solution has fH equal to 3, a N/500 solution will have pH equal 
to 2.70. 


; CALCULATION OF pH 
PH of Acid Solutions—It is thus clear that roughly speaking, 
a N/1000 solution of a strong acid say, HCl has a 3, a N/10,000: 
solution of HCl hasa f and so on. If a solution has = 
0.0IN=10-2(N) its PH=2, if [H+]=10~ [N], then pH=7, and so on. 


gm. ion pi 
with the help of a log 
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litre, we easily see that the pH=3.7. The most convenient method of 
calculation is shown in a later section (eqn. 19.7 & 19.8). Such 
calculation$ canbe made for any dilute solution of a strong acid and 
these-agree fairly well with experimental values. Weak acids, owing 
to incomplete dissociation, have much lower-[H*] and so, much higher 
(ether nbrained by this type of eyes but once the 
[H+] is known by some means, the pH can be calculated in the above 
way. Note that [H*] and Cr+ mean the same i.e. H+ ion concentra- 
tion. 


pH of Alkaline Solutions—The pH of alkaline solutions can 
be easily computed if we know the Cx of such solutions. This can 
be done with the help of the ionic product equation for water, i.e., 
K,,=CxtxCoxn-. For example a N/1000 caustic soda solution 
has Com-=10-3 gm, equivalent per litre. But since Cut x 
Con- =K „ =10 74 at 25°C, we have for this solution 
‘Cu+=K,,/Con~ =10-4/103=10-4 gm. ion per litre and there- 
fore the pH of this solution is 11. 

So all alkaline solutions should have a pH higher than 7 and usually 
the pH value would lie in the range 7 to 14 at 25°C, and all 


acid solutions should have a PH lower than 7 and the G 
woul ually be _in the range of 0 to 7 at 25°C. Pure water has 
a Cut of 10-7 gm. equivalent/litre at and so its pH is 7 at 25°C. 


Since K, changes with temperature (P. 262), these pH values 
would also change somewhat with temperature. 


Usual pH Values—An approximate idea of the pH of a solution 
geen 25°G can be obtained at a glance from the following 
table. - 


Hydrochloric Acid Solution Caustic Soda solution 


NOUNS SEN) EN, Pure N N N N 


eee a ee water SSE 
10 100 1,000 10,000 Y 10,000 1,000 100 10 
fH :—1 AERA ca 


2 VASF C) 10 11 12 13 
„For example, H=3 means an acid solution, havin: 

acidity as a N/1,000 HCl solution; fH=11 mean an tin lke 
tion having its alkalinity as a N/1,000 NaOH solution; pH = 2.3 
means an acid strength somewhere between a centinormal and a 
thousandth normal HCI solution. Though pH of aqueous solutions 
usually lies between zero and fourteen (pH = 0 and pþH=14), it is 
conceivable from equation 19.5 that PH under extreme conditions 
of acidity or alkalinity may fall below zero or above 14 respectively. 


Conversion of [H+] into PH and vice versa 
A Formula for Inter-conversion of ‘PH & [H+H 
From definition of pH it follows that 
if [H*] =A x 10-2 fh 19.7 
pH = Zion A) oe = oa "19.8 
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This equation is very useful to convert [H*] into pH. Thus, if 
a solution is say N/2000 in [H*], ze. [H+]=0.5 x 10-8=5 x 10~ its. 
pH=4—log 5=4—0.699=3.3. Note that it is convenient for cal- 
culation if A is expressed as a number which is either equal to.or 
greater than 1. 

The converse is also useful. Note that Z in equation 19.7 is 
the next whole number of pH. So if pH=10,2, Z is 11 and A is 
antilog of (Z—pH). 

Therefore, [H+] =A x 10-7 oc 36 ta 19:8) 

where Z is the next whole number of the pH 

and A=Antilog (Z—pH). 

Thus if pH=10.2, Z=11, and A=Anlilog (11—10.2) Antilog 
0.8=6.31 ; therefore [H+]=6.31 x 10-7. 

ExAmpte l. Calculate the pH of pure water, and also the values of N/1000, N/50 
and N|200 solutions of HCl as well as of NaOH at 25°G: Assume an effectively complete 
dissociation of the acid and the alkali. 

In pure water, [H+]=10-7 (N) 2. pH=—logy [H*]= —log 107 =7 

In N/1000 HCl, [H+]=10- (N) c pH= logo 10-°=3 

Tn N/50 HCI, [H*]=0.02(N)=2x10-?, pH= —logyo(0.02)=2—log 2=1.7 

In N/200 HCI [H*+]=0.005(N)=§x10-° ~. pH= —logyo 0,005=3 —log 5=23 

In N/1000 NaOH, [OH-]=10- (N) 

[H+]=K,,/[OH-]=10-410-3=10-2 ~. pH = —logip 1011 

In N/50 NaOH, [OH-]=0.02 (N) 

[H*+]=K,, |[OH-]=10-44/2 x10- = (5 x 1079) 
pH= —log [H*]=13—log5=12.8. 

Exampre 2. Calculate the [H+] ion concentration of three solutions of pH equal to 3.4, 
2.1 and 10 respectively. ‘\ ar 19.9 
Now, pH=—logio[H*] or [H*J=10P ee ta 


This can be solved easily by applying eqn. 19.8 as shown below. 
pH=3.4 +. [H*+]=10-°#=Antilog (4—3.4) x 10-4=0,000398 (N) 


pH=2.1 » [Ht]=10-24=Antilog (3—2.1) x10-°=7.94x10™ (N) 
pH=10.0 .. [H+]=10 (N) 


Calculation of pH at different Degrees of Neutralisation— The fH ofa weak 


acid can be calculated with a fair degree of accuracy over a consi ble range of 


neutralisation (roughly for 10%, to 90% neutralisation) with the hel Dw- 


ing equation, called Henderson EA aa which is easily obtained by taking log- 
atithm of Ostwald dilution law (P. 259, eqn. 17.1). 


Salt 
MHK Hoe esay i «19.10 
This is a very important equation, and the pH values of buffe i jly 


calculated with the help of the above equation. 
tralisation nt the solution is merely that of the neutral salt formed, 


hence the [H+] and so pH at neutralisation point can be easily calculated with the 
help of hydrolysis equations (P. 264 to 268). 

EXampte 3. Calculate pH of (i) a 10 c.c. acetic acid solution (0.1N) to which has 
been added 3 c.c. of decinormal caustic soda and (ii) a N/100 ammonia solution after 10 per 
cent neutralisation (use data on P. 296). 

(i) pH=pKg (acetic acid) +log salt/acid 

=4.76-+log (3/7) =4.24 


20 
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(ii) pPH=pK, (ammonium ion) +log (40/60) 
=[—log K,, (water)+log Ky (ammonia) +[log (2/3)]- 
=[14.0—4.74] +0.30—0.48=9.08. 


Note that the calculated pH is independent of dilution which is experimentally not 
quite true and shows the approximate nature of Henderson’s equation. 


MEASUREMENT OF pH 


Experimental Determination of pH—The common methods of 
determination of pH can be classified into two types. 
(1) E. M. F. methods: (i) Hydrogen gas electrode, 
(ii) Glass electroode, 
(iii) Quinhydrone electrode, etc. 
and (2) Methods using Acid-base Indicators. 


The E. M. F. method using hydrogen electrode serves as the 
ultimate standard in pH determination, though glass electrode 
quinhydrone electrode, and many other electrodes are also in use, 
of which the glass electrode (P. 291) is the most convenient, versatile 
and in common use. The indicator method is, however. experimen- 
tally the simplest requiring least expensive equipments. : 


Hydrogen Electrode Method for pH Determination— 
solution (x) (Fig. 99) is taken in a vessel of suitable shape aid ER 
is dipped a platinised platinum electrode (platinum foil covered with 
platinum black by electrolysis). A steady stream of moist hydrogen 


SALT BRIDGE 


Calomel . 
` Wyd 
'ydroper 
electrode, electroda 


Fig. 99—Determination of fH by Hydrogen Electrode 


is passed through the solution over the electrode. T) i 
. Th 
adsorbs hydrogen and catalyses the Sa E D yee 
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‘between hydrogen gas and hydrogen ions in solution such that the 
electrode in effect functions as a hydrogen electrode.’ The other 
half-cell is a normal calomel electrode and the two half cells are joined 
through an intervening saturated solution of potassium chloride 
(salt bridge) to climinate liquid junction potential. When equili- 
‘rium has been attained, the total E.M.F. of the cell (E) is 
measured by a potentiometer, which substituted in the following 
equation [eqn, 18.22, see P. 291] gives the pH value of the solution . 


E—Ecalomel E—0.281 t 
oH 0.059 = sg” (@ 25°C) .. 191 


_ Indicator method of /H Determination—This consists simply 
in adding a suitable indicator to the solution such that the pH of the 
solution is within the colour change interval of the indicator. The 
colour thus produced is then matched against the colour produced by 
standard buffer solutions under otherwise identical conditions. Alter- 
natively, Henderson equation (eqn. 19-10) can be used, if pK, of the 
indicator is known. For rapid measurement a UNIVERSAL INDI- 
CATOR i.e., a mixture of indicators which is sensitive over a very 
wide pH range, iċ. almost from 0 to 14, can be used. ~ 


Standards in jH Measurement. Buffer Solution—It is expe- 
‘dient for comparison; preparation and measurement of pH to have 
in stock solutions of known pH. If such a solution is made by pro- 
per dilution of a standard acid or alkali it is found that, due to 
impurities from the vessel or air, the value of pH of such solutions 
slowly changes, and never attains a steady value. So a solution of 


-standard pH is useful if not only its pH is accurately known, but also 
_ ifit has to some extent, some reserve power of neutralising acid or 


alkali so that it maintains a steady pH value (z.e., long shelf life). 

Such a solution of known pH which has some reserve power of 
neutralising acids and bases so that it maintains a steady value of its pH, is 
walled a buffer solution. Buffer solutions are extensively used in the 
laboratory as standards in fH measurements. 


Mechanism of Buffer Action—Buffer solutions usually con- 
tàin a weak acid or base in company with its salts, e.g., acetic acid and 
‘sodium acetate solution, ammonia and ammonium chloride solution, 
tc. The mechanism of buffer action is comparatively simple. For 
example, the acetate-acetic acid buffer neutralises acid (H* ion) ac- 
cording to: —H+-++ CH, COO-—-CH,COOH and counteracts alkalies 
(OH ion) as: —OH---CH,COOH--CH;COO--+-H,0 and therefore 
tends to maintain a steady fH. yi BR as met A 

The mechanism becomes more clear with reference to Fig. 100 
(P: 311). It would be seen that the /H—neutralisation curve is rather 
flat except at the beginning or end of neutralisation. This means 
that solutions in the flat range tend to counteract added acid or base 
so far as change of fH is concerned and so these act as buffers. 


Blood as a Buffer Solution—Blood has a remarkably constant, 
æ I 
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t 7.35, i.e. it is very slightly alkaline and injectules are 
oH of ae to equilibrate with this pH easily. The 1 main buffering 
action of blood is due to the carbonic acid-bicarbonate buffer pér- 
sent in the system. Any acid is neutralised by the reaction, 


H+ +HCO,-—-H,CO,, the carbonic acid formed decomposing into _ 


water and CO,- The CO, is eliminated through the lungs by 


respiration, as a lowering of pH stimulates, the respiratory centres. 
and causes deep breathing. On the other hand, ~ion is counter- 
acted by the reaction, H,CO,+OH-~>HCO,-+H,0. The kid- 
neys also help to eliminate acids, the pH of urine varying over a 
wide range from pH 4.8 to 7. Not only blood but also other body 
fluids maintain such a definite pH range as is helpful to its activity. For 
example, pancreatic juice and bile are alkaline whereas the gastric 
juice is highly acidic (pH 1.4 to 2.0). 


Importance and Usefulness of pH—The pH of a solutions is 

a very important factor in determining the equilibrium and kinetics 
of any proton transfer reaction. Thus, the extent of ionisation of weak 
acids depends on the pH of a solution, arid many chemical ree 
actions in solution are sensitive to the acidity or alkalinity of the 
solution. Its technological usefulness is manifold. In drugs, fermen- 
tation, bakery, confectionery, emulsification, froth floatation scouring, 
sizing, fountain pen inks, and many others, a strict control of pH is 
obligatory. In biological science the importance of pH can not be 

- overemphasised as most living matter maintains by internal buffering 


a constant pH in its various regions; for exampl: 
LIU ; xample, human blood has. 
3 iy of 7.4 and injectules are to be made to equilibrate pee with 
s pH. 


ACID-BASE INDICATORS 


characteristic H*+In-. The mai 
Se of all indicators is that t ain and common 


& ; ut fr pore UO undissoc 
efine an acid-base indicator as a Weak oi In . (Hence we may 


the anion) has a colour different om thas seq peers base (i.6- 


` 
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Mechanism of Colour Change—To clearly represent that In> 
has a colour different from HIn, we should represent it as In** and 
so the dissociation process is represented— À 

HIn = H+ + In*- oS a0 OE 

The actual state of affairs is a bit more complex than described 
above. The indicator acid, HIn. first undergoes a reversible tauto- 
meric change into a substance of different colour, HIn* which is capable 
of ionisation, the whole equilibrium being represented— 

Hin @ HIn* @ H+ + In*- ss 19.13 
But in order that a substance may be a good indicator, the concentra- 
tion of HIn* is usually negligibly small and so the simple dissocia- 
tion equation 19.12 and consequently equation 19.10 (Henderson 
equation) is sufficient for our purpose and is therefore generally used. 

If a few drops of an acid are added to an indicator solution, 
the acid, by virtue of the large concentration of H+ ions it produces 
by dissociation, checks the above ionisation of the indicator-acid. The 
solution would theft contain a large excess of HIn-molecules, whose 
colour will, therefore, be the ‘acid colour’ of the solution. Ifa small 
excess of alkali, say, NaOH is aed to the solution, sodium salt of 
thesindicator will be formed which being a salt will ionise almost 
completely giving a great excess of In*~ ions, whose colour-will-be the 
alkaline colour’ of the indicator. For a bi-colour indicator, if the 
solution contains an_¢ ual concentration of HIn molecules and In*~ 
ions, the solution shows the ‘neutral colour’ of the indicator. 

Structural Relationship between the Two Forms—The real 
cause for such difference in colour between the anion and the 
unionised molecules has been found to be a tautomeric transformation 
of the HIn molecule to another modification called the quino- 
noid form which has a different colour and ionises almost completely 
to form In*~-. In the case of phenolphthalein, for example, the ordi- 
nary benzenoid form (colourless) and the quinonoid form (pink 
colour) are represented below as I and II repectively. 


G,H,OH 
= (I) GsH,—C 
Noe doon 


CH,OH 


C,H,—G. 
9 E Na,H,=0 
co— 

Useful Indicators—That a substance responds to a change of 
hydrogen ion concentration with a change of colour is not a sufficient 
condition for it to be used as an indicator. The characteristics of a ' 
good indicator are— ` 

(a) The change of colour should be sharp, i.e., the change of colour 
should occur over a short range of hydrogen ion concentration. 

(b) The colour should be stable and brilliant, and thë colour change 
should be between contrasting colours. 

(c) The colour change should be at the end point of the reaction being 
studied. ; 

A considerable number of indicators have been so far brought 
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to light, but owing to the above considerations only a few have found 
place in the laboratory. 


icator Equilibrium—Since indicators are weak electrolytes: 
Bie Seu aber sewald’s dilution law; their equilibrium may hence 
be represented as— ' at 
ER, apie e TA 
[Hiny Ki, or, [Ht] = Ki, (in| 
here Kin is the dissociation constant of the indicator. When a two- 
lee PAGE shows the ‘neutral colour? we musthave 


[BIn]=fin*=], since Hin and In- are respectively onsible for 
ı _the acid colour and the alkaline colour of the indicator. 


ses 
For neutral colour, [H+]=K,, or, poh 2. 19s 


Since the indicator constants, K;,, for different indicators are 
different, We arrive at the very important result that the neutral 
colour pH of an indicator is constant for the same indicator and is different 
Sor_different indicators. The following two experiments are illustra- 
tive of this point. 


ExpermentT 1. Take a roughly decinormal solution of sodium carbonate,. 


- and add a few drops of phenolphthalein and drop by drop a dilute HCl solution, 
until the pink colour of phenolphthalcin is just discharged. Test this solution— 
which is now distinctly acidic to phenolophthalein—with a few drops of methyl 


orange indicator. The methyl orange turns yellow showing that the solution is 
alkaline to methyl orange. 


EXPERMENa 2, To a solution of methyl orange add a few drops of a very 
dilue HCl solution, to make the colour just red (acidic). Dilute the solution with 
freshly prepared distilled water only. The colour of the solution slowly changes. 
from red to yellow (alkaline colour). 


Sensitivity Range of Indicators, ete.—The colour of an indi- 
cator changes not exactly at the neutral colour pH of the indicator 
but over a pH range round it. If the-reasonable assumption is made 
that this sensitivity range ie. colour change interval of an indicator 
extends from [HIn]: =10: 1 to 1: 10, itis easily seen by substitut- 
ing these values in aion i Sensitivity range covers. 
roughly a pH interval of pK;,—1-to PKin-+1, t.e. about two units of pH 
with LOE the midpoint -It is to be noted chat phehclphthalcin 


shows ‘neutral colour’ in the alkaline region ( PH=8.6) while litmus. 
exhibits the same with a neutra 


h ; l solution (,H=7) while methyl orange 
points to neutrality m_a distinctly acid region (H=3.7). Itis to. 
be further noted that phenolphthalein being an onecolout indicator 
does not follow eqn. 19.10 and shows t 


0 ‘ ] he onset of pink colour about 
one pH unit earlier than its pK jn ie. at about 8.6 pH. 


n*— 


F oat — §Alkaline PKin (Neutral 

Indicator colour colour colour pH) 
Methly Orange Red—Orange yellow 37 
Methyl Red Red—Yellow 5.1 
‘Litmus Red—Blue 7.0 
Thymolphthalein Colourless—Blue 9.2 
Phenolphthalein 


Colourless—Pink 9:6 (8.6) 


rJ 
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M Suitability of Indicators in Titrations—This can be well 
understood with the help of pH— 
titration curves (Fig. 100) The pH 
change during titrations of a strong 
(or weak) base is shown in Fig. 100 
(for theoretical calculation vide eqn. 
19.10 P. 305). The most interesting 
part of this figure is that near the  »:/—-—~-- 
equivalence point there is a jump in 
pH. So, an indicator whose neutral 4 
colour -/H lies within the range of this 
jump is suitable. 


Evidently, almost any indicator OT percent sad 100 percent tae 
would be suitable for titration of a ara Fearg 
strong acid by a strong base, because Fig. 100—pĦH change during } 
this jump in pH is over a wide range Titration of acids by an alkali 
from about pH 4 to 10. The jump is, however, much less for_titra- 
tion of a weak acid by a strong base and lies in the alkaline region 
(for acetic acid from about 5.5 to 9). To titrate a weak acid with a 
strong base, e.g., acetic acid with caustic soda, we have therefore, to 
use an indicator showing its neutral colour in the alkaline region, 
viz. -phenolphthalein (pK=8.6). Similarly, to titrate a weak base 
with a strong acid, we have to use an indicator whose Kin (i.e. neu- 
tral colour pH) is in the acid region. Thus, to titrate the weak base 
ammonia with hydrochloric acid we have to use methyl orange, as 
its ØK is in the required acidic region, viz. about pH 4- To titrate 
a weak acid with a weak base, no indicator is suitable since such, a 
solution on_additian of i or acid during titration changes its pH 
very slowly like buffer solutions. © The results are appended below. 


v 


pH of colour 


Titrations Suitable Indicator change 


Any pH=4 to 9 


Methyl Orange pH=3.7 
H pH=8.6 


Strong acid and strong base 


Strong acid and weak base e 

Weak acid and strong base Phenolphthalein 

Weak acid and weak base None satisfactory slow eran 
of p 


Explanation of the Inflexion in the Titration Curve—Suppose 
we add N/10 alkali (in steps 0.1 c.c.) to 10 c-c. N/10 acid. Now the 
percentage of acid neutralised for each addition of alkali determines 
the corresponding pH change. In other words, the pH change at 
eyery step does not depend on the amount of acid neutralised but 
depends on the fraction of dae tt acid neutralised. The student should 
note this subtle point caretulty. z 

Evidently, at Hie being 02 cc. neutralises only 1% of the 
acid but near the equivalence point, say, after 99% neutralisation, 
the same 0.1 c.c. causes 100% change of the free acid present in the 
solution, and so at the equivalence, point the percentage change of acidity 


aN 


312 ELEMENTARY PHYSICAL CHEMISTRY 


E volume of alkali added is highest. Therefore, the 
Pe RA curve is the steepest at the equivalence point. This 
is the principle on which all potentiometric titrations are based. 


EXERCISES 


1. Write short notes on (a) pH value of aqueous solutions, (b) Buffer solution 
(c) Indicators. 

2. Calculate the pH of the following solutions :—(a) 1 gm. of NaOH dissolved 
in 400 c.c.; (b) 1 gram of HCl dissolved in 800 c.c. of water 3 (c) a mixture 
of solutions (a) and (b); (d) 100 c.c. of water containing 3 drops (0.05 c.c.) 
of (N) HCl; (e) a N/25 NaOH solution. [12.8 ; 1.46; 3.7 ; 3.82 ; 12.6] 

3. What is an acid-base indicator? What determines its sentisiveness ? What 
indicator would you use in titrating acetic acid with caustic potash ? Give reasons 
for your answer. 

4. Why is methyl orange called an indicator? What does it indicate ? How 
would you define an acid aqueous solution ? Explain why methyl orange is used 


in the titration of total alkalinity and phenolphthalein is used for the estimation of 
alkali carbonates in the presence of bicarbonates. 


5. What is an indicator ? What i 
sulphuric acid with sodium carbonate, 
potash? Give reasons for your answer. 

6. Calculate the pH of decinormal solutions of nitrous acid (K=0.45 x 10-%) 
and nitric acid respectively. (2.17; 1] 

(Hint :— Calculate a from dilution law ; now, [H*+]=ac and fi +] calcu- 
late pH, vide P. 275 Example 17; or use eqn. 19.16 ee ge has se 

7. Calculate the pH of pure water at 0°C and 60° iv = “14 at 
O*CZand 9.60 x 10-14 at 60°C. Gr given Ky or 6st] 


ndicator would you use, (a) in titrating 
and (b) in titrating acetic acid with caustic 


, 8. Prove that for a solution of a weak acid, 
PH — + pKa — } log c 
where c is the concentration. 


An BS 19.16 


‘equilibria i.e. how far a c 


‘time, which may be almost instantaneous or very lon 


PART IV 


PASSAGE TOWARDS EQUILIBRIUM 


No single things abide, but all things flow. 
—Lucretius 


CHAPTER XX 
SPEED OF REACTIONS | 


ous section (Part II) we studied chemical 
hemical reaction would go, but said 
nothing about how fast that equilibrium would be attained. This 
will be the subject matter of the present chapter. 


The passage towards equilibrium is not instantaneous but takes 
g. With 


eactions which are substantial- _ 
en microseconds have been 


Introduction—In a previ 


modern techniques rates of very fast r 
ly complete in milliseconds or ev 
measured. Reactions between ions in aqueous solutions which do 
not involve a change in oxidation state are generally very fast, for 


example, acid-base neutralisation, etc. On the other hand, ionic 
oxidation-reduction reactions are very often quite slow, because they 
ups of atoms; many 


involve actual transfer of electrons, atoms, or gro! 
examples of such slow reactions are already familar to the students 
during oxidation-reduction titrations, for example, the slow dis- 
charge of colour of permanaganate in acid solution by hydrogen 
peroxide or oxalic acid, slow precipitation of mercurous chloride 


by reduction of HegCl, by SnCl,, etc. Heterogenous reactions are 
known example being weathering 


slow by their very nature, a well- 

of rocks. Organic reactions as a Class generally proceed slowly,— 
a fact which is apparent from the long period of heating, often under 
reflux necessary during organic preparations. 
eaction: Rate Law— 
g to Law of mass 
Now, concentration 
and so also the speed. 


what should be called the speed of a 
esses the speed of 


The rate of any 
action on the concentrat 
changes with progress of | 
Therefore the problem ariscs, 
reaction. Is it possi 

p ctually observed speed may change 


a given reaction though the a 7 
aniy with time This can be done provided we know the Rate 


Law which governs the speed. 

For example, hydrogen peroxide is experimentally found to 
decompose at a rate proportional to its concentration. Expressed 
algebraically, f 
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Rate of Decomposition of H,O, œ [H,O,] 
or Rate =— OL 5, [H,O] (Rate Law) Re O 


The chemical reaction is: H,O, = H,O+40, ms, (26) 


Equation (2) is called the ‘Rate Law’ for the above reaction and the 
proportionality constant (here k4) which is a measure of the speed is 
called the RATE CONSTANT or the SPECIFIC REACTION RATE. 
The immediate aim of the study of reaction kinetics is to experimentally 
establish the rate law for a given reaction and to determine its rate 
constant. How this is done will be further discussed ‘later (P. 318). 
The long-range aim however is to find out the mechanism (vide next 
section & P. 328) of a reaction. 


Notion of Kinetic Order and Molecularity—It is to be noted 
that the experimental rate law as given by equation (2) is just what 
is expected from the law of mass action, when the latter is applied to 
to the chemical reaction as given by equation (it). Since the actually 
observed rate is proportional to the first power of concentration (as 
is expected from the Law of mass action), this reaction is called a 


to H,O,. The same reaction is also called a unimolecular reaction 


In bromination (or iodination) 
the reaction is— 


CH,COCH, + Br.=CH,COOH,Br-+- HBr 


and so it is a bimolecular one. However, the observed rate is pr = 
tional to [acetone] but does not depend on [Br.]. So this E 
of first order only with respect to acetone. Thus we see that the mole- 
cularity and order may or may not be the same. Another well-known 
example is hydrolysis of tert-butyl chloride, tert C,H Cl-+-OH-= 
C,H,OH+ Cl- which is found to be of first order with ra to the 
chloride and zero order (no dependence) with respect to OH-. 

Does the above mean that the law of mass action is not i 
such cases. This is not so. What happens is that the observed dean: 
cal change is composed of a number of steps (which is called the 
MECHANISM of a reaction, vide P. 317). The sum total of these 
composite steps is the given chemical reacti 


he gi ‘ on ; and for each ste 
the law of mass action is valid and therefore the rate of each step 


reaction is governed by the law of mass action. 


af Thus, a chemical equation for a reaction may or may not reflect 
e actual molecular happening ; it is merely an overall picture. 


of acetone in aqueous acidic solution, 
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That this is so was always suspected on the basis of kinetic theory as. 
it is most unlikely that a molecular encounter involving more than 
two or three molecules would at all take place. In the simple reac- 
tion 2H,-+O,=2H,O it is very improbable that three molecules would 
simulatancously collide frequently enough to give rise to the observed 
explosion. A study of reaction rate has confirmed our above suspi- 
cion and the student’should get used to the idea that a chemical equa- 
tion may or (more often) may not represent the actual molecular 
events. In the well-known bromide-bromate reaction (reaction 7 
in the table), it is impossible to imagine a molecular convention, 
as it were, of twelve units where the molecules get rearranged. So- 
we arrive at the following two important conclusions :— 

(i) A chemical equation may or may not (very often the latter) 
represent the actual event on a molecular scale. In the 
latter case it is composed of a number of steps, whose overall 
result is the given chemical reaction. These composite steps 
(for each of which the rate is given by the law of mass action) 
taken together is called the MECHANISM of the reaction ;, 
each composite step is called an elementary reaction. 


(i) The molecularity and the kinetic order of a chemical reac- 
tion may or may not be equal. 


These ideas are discussed in more details below. BY 


’ Order of a Chemical Reaction—If a reaction is given by 
pA-+qB—Products; and observed Rate oc [A]? x [BJ], then the reaction 
is said to be of a order with respect to A and f order with respect 
to B, and a+ is the overall order of the reaction. The order of 
some well-studied reaction is presented in the following Table. It 
is to be carefully noticed that (i) the order of a reaction is an experi- 
mental property and (ü) the order may or may not be equal to mole- 
cularity, the number of molecules shown as taking part m the chemical 


equation, Also, order may change with experimental conditions 
(sce later). 


i Chemical Reaction—The classical definition 
Ree neat pata ber of molecules in the simplest 


reactions. Experimental resu ued | 
However, for elementary reactions molecularity is 
to the kinetic order in conformity with the law o 
this is generally not true for complex reactions. 


inetici i Jtogether different 
Man: -n kineticists however give an al 
definition PERN They define molecularity as ae a 
of molecules reacting in the rate-determining step (i.e, the s Pe 
step, vide P. 328) of a complex chemical reaction. So, for a complex 
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reaction it may or may not be equal either to the sum of the stoi- 
chiometric coefficients (i.e. classical molecularity) or to the kinetic 
order. For elementary reactions however, the molecularity has the 
same value in both the definitions and is numerically equal to the 
kinetic order. 


Es 
Reaction Observed Rate Law R RJ S 
, (Chemical Equation) 3 8 3 
S468 
(1) pA+-gB—Products Rate œ [A]*[B]8 
(2) 2N,0,>4NO,-++0, Rate œ [N,O,] 


(3) (CH;),CC1+HOH 
>(CH;),COH+H*+Cl- | Rate œ [(CH,),CCl] 


~CH,COO-+C,H,OH | Rate cc [CH,COOC,H,] [OH-] 
(5) S,0.-~+21- 

>2SO.-- +1, 
(6) 2NO+0,+2NO, 
(7) BrO.-+5Br~+6H+ 


Rate  [S.0,-~] [I= 
Rate = [Nop OJ | 


=3Br2+3H,0 Rate œ [BrO,-] [Br-] [H+]: 
(8) CO+Cl,=Coal, Rate œ [cig teo, | E 


Distinction Between Molecularity and Order—The follow- 


ing points of distinction are to be noted— í 


(1) Kinetic order is an experimental property derived from the 
experimental rate law, whereas molecularity is a theoretical property 
associated with the chemical equation of a reaction. 


(2) Order can change 
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The MECHANISM of a reaction is the sum total of the composite 
elementary reactions. 

Just as elements are the simplest unit in a chemical change, so 
the elementary reactions are kinetically the simplest possible involv- 
ing either one or two species (atoms, radicals or molecules) occurring 
in a single step through a well-defined transition complex (P. 332). 
So, an elementary reaction (also called one-step reaction for evident 
reason) has no mechanism, or in other words, an elementary reaction 
is itself its own mechanism. 


In an elementary reaction the number of bonds broken and made is 
usually small. Reactions involving atoms and free radicals, simple 
isomerization reactions, second order displacement reactions, etc. 
provide many examples of elementary reactions ; some examples of 
elementary reactions are given below— } 


(1) He-+I.>2HI (2) H+D,+HD+D 
(4) CH,—CH,>2CH,=CH, (3) OH-+CH,Br+CH,OH+Br- 


H,—CH, (Ethylene) 
(Cyelobutanz) 


Those reactions which are not elementary i.¢. which have a mecha- 
nism evidently occur through a number of consecutive steps each of 
which is an elementary reaction. Such reactions which are composed 
of a succession of elementary reactions are called COMPLEX REAC- 
TIONS. Most reactions are complex though kinetically: some of 
them appear to be very simple (for example, N:O; decomposition, 
P. 328). The aim of modern kinetic studies is „to find out 
the complex nature of a _ reaction and its composite elemen- 
tary steps (P. 328). The distinction between elementary and com- 
plex reaction is fundamental in the modern approach to reaction 
kinetics and no kinetic study is possible without a clear appreaction 
of this vital point. i 

An important though elementary point to note is that for elementary 
reactions the molecularity and kinetic order are per se equal, whereas, 
it may or may not be so for complex reactions. The student should 
also note that though thermodynamics is a powerful tool to study 
chemical equilibrium, _ classical theromdynamics has no valid 
application in studies of reaction rate. This is because classical 


thermodynamics does not involve time as a variable. 
fia 


THE FIRST ORDER REACTION : ITS INTEGRATED 
RATE LAW 


Mathematical Formulation of a First-order Reaction—In a 
first order reaction the reaction speed by definition is, at any instant, 
proportional to the concentration of the substance at that instant. 
Let the reaction be the decomposition of A, t.e. 

A — Products 
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If we start with ‘a’ moles of A and if ‘x’ moles are decomposed in 
time é secs, then (a—x) is proportional to the concentration of the 
undecomposed A at that instant. The speed of the reaction at any 
instant, t is according to the mass-law proportional to the concentra- 
tion of A at that instant, i.e. (a—x). Expressed mathematically, 


el [A] ss aa ao E 
or, — ED e o, A a &) 


where ky is the proportionality constant to be called first-order rate 
constant or specific reaction rate. 


[Note the minus sign in the first equation, which signifjes the decrease of con- 
‘centration with time.] 


This equation is a differential one i.e. involves infinitesimally 
small quantities and is to be integrated to obtain the Integrated 


Rate Law (eqn. 20.1) before this can be applied to experimental 
results. 


Integrating, we get, 


or, In (a—x)=—k,t-+-constant. (/n means loge) 6S AG) 


The value of the constant may be evaluated by substituting 
x=0 and t=0 in the above equation in conformity with the known 
fact that at the beginning (i.e. =0) there is no decomposition (i.¢. x=0) 
The equation then becomes, į 


ln a=constant 


Substituting this value of the constant in equation ` (c) 
2 


we get 
In (a—x)=—k;t-+in a 


a 
or, Ue ro =k,t 


..(d) 


garithm and to convert it into ordinary 
it by 2.303, and so the final equation 


This equation is in natural lo 
logarithm, we have to multiply 
becomes, 


7 1°810g— =k 20.1 
giving the rate constant of a first- 


T c order reaction, k; in ter: 
ble quantities, viz. the fraction d ae man E 


ecomposed in a given time, 


If we put a—x=¢ ie. concentrati i 
E $ ation at time ¢, a sis 
concentration, we get » and c, the intial 


-kyt 


k 
log c=— z307“ tog Co Orc Nope siege e202 
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te. log ¢ plotted against ¢ gives a 
straight line of negative slope. This 
is illustrated by a typical plot 
in Fig. 101 for N,O; decomposi- 
tion. Note that in the above 
derivation we have neglected the 
reverse reaction, and so these equa- 
tions are applicable only when the 
reverse reaction has a_ negligible 
speed. - 


Half-Life: Time of Half-De- co Pt ig URS 
composition—The time required Pine Secon 
for half decomposition, T4} is easily Fig. 101—Linearity of log ¢ 
obtained by putting x=a/2 in equa- versus time. 


tion 20.1, when we get 
p — 2303 log 2 _ 0.693 


- 3 kı ky y 

i.e. in a first order reaction the time of half-decomposition or period 

of half change is a constant. The significance of this statement 

is that if half of the substance decomposes in, say, one day it will 

be reduced to 4x4 ie. one fourth in two days, one-eighth in three 

days and so on. For a first order reaction this is not only true for 

half-decomposition but, as can be easily proved, for decomposition 

to any given fraction and so we may state that in a first-order reaction ) 
the fraction decomposed in a given time is constant at contant temperature and 

is independent of the intial concentration. 


Unit of k,—Another interesting point about unimolecular reac- 
tion is that the value of the constant k, is independent of the unit in 
which concentration is expressed, since equation 20.1 involves only 
ratio of concentrations. However, the numerical value of ky depends 
on the unit in which time is expressed. If time is expressed in 
seconds, k, is in reciprocal seconds (sec). It is to be pora a 
that though the value of k, in minutes is sixty times its value $ Seconds 
the amount decomposed in one minute 1s decidedly less than sixty 
times the amount decomposed in the first one second. 

Physical Significance of kı—(i) A simple ees ei ky 
can be given from the integrated form of the first-or a edur kon 
ie., eqn. (d). It can be easily shown from this ah ae y pu fag 
[a/(a—x) =e that in the time interval given by ae e concentri ion 
falls to l/e times its initial value (Note e=2. 182. .). h ee 
the significance of ky is that in lik, time. the Eee: on r 5 a 
lje. So, if k, for any reaction is 0.02 min. 3, t eae p £ 

the solution will fall to 1/e (i.e. 1/2.72 times) of its ve ue er ne piry 
of 50 (=1/0.02) minutes at any point during its eco post ion, 

(ii) A second interpretation: Equation (a) can be written in the form 


de Fraction decomposed 
oe make Time 


= constant ee 20.3 
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Hence, k, stands for fraction decomposed in unit time provided the 
concentration is kept constant throughout the time interval. The 
latter stipulation is necessary because the above equation is a differ- 
ential equation valid only for an infinitely small interval of time. So, 
the physical significance of k, is the fraction decomposed in unit time at 
constant concentration. 

Taking a specific case (see next section), viz., the decomposition 
of H,O», k; is 0.0437 min.— at 20°C. This means that if we have any 
solution of H,O., 4.37 per cent (or 0.0437 fraction) of H,O, would 
decompose per minute provided by some means (say, by adding fresh 
H,O, from outside ) the initial concentration is maintained constant 
throughout this one minute interval. Note that solutions of H,O, 
of -any concentration whatsoever will suffer the same percentage loss per 
minute. Also, if the imposed stipulation of constant concentra- 
tion is not adhered to, it can be easily shown from equation 20.1 that 
the per cent decomposed per minute will be somewhat less, viz., 4.26 
per cent. N 

(wi) A third interpretation is possible. In a given assemblage 
of molecules all the molecules do not decompose at the same instant 
_ but some have a longer life than other. It can be easily shown that 
„the average life of all the molecules decomposing by a first-order 
Kinetics is 1/k,. The student is urged to do this as an exercise. 


Examples of First Order Reactions—Quite a few first order 
elementary reactions (i.e. first order, unimolecular) have become 
lately known. They are almost always either dissociation or isomeriza- 
tion reactions. It should be again emphasised that most of such 
reactions, though not all, are true one- 
passing through the transition state to the products. 


solution. The classical example of a first order react; i 
PDOs an t 
solution is H,O, decomposition catalysed by colloidal aaa e 
etc. or by the enzyme present in blood called blood catalase. Some 
examples of first order reactions are given in the following table: 


along with energy of activation values, a co: 
z 5 1 vati nstant of i 
importance in reaction kineties (P. 332). Prem 
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Energy of 
x = ac 3 7 rc activation 
EXAMPLES OF FIRST ORDER REACTIONS* (Kealjmole) - 
(i) Gas-phase Decomposition <i 
N,O; > 2 NO.+40, 24.6 
CH,.CH,Cl > C,H,+HCl 60.8 
H.G — CH, 
| | > 20H, 62.5 
H,G — CH, 
(ti) Gas-phase Isomerization 
H,C — CH, 
SZ ~CH,.CH=CH, 65.0 
cyclopropane CH, Propylene 
HC — CH, 
il l -> 1, 3 butadiene 3.25 
HC — GH, 
(iii) Solution-phase Decomposition 
H.O, + H,O +410, 9 to 18* 
(NO,),C,H,QGOOH -> C,H;(NO,),;+C0, 
(iv) Solvolysis including Hydrolysis 
CH0, +H, O> G,H,,0,+C,H, 05 5 to 12% 
canesugar glucose fructose 
(CH,CO),0 +2C,H,OH -> 2CH,COOC,H,;+H,O 
Co(NH;),Cl?+-+H,O -> Co(NH;);H,O*++Cl- ~ *debends on 
purple pink catalyst 


*All are also unimolecular except the last three solvolysis reactions which are 
pseudo-unimolccular. However, they are not necessarily elementary reactions. 

Experimental Investigation of Reaction Rate—The first con- 
dition for such study is to keep the reactants in a thermostat at 
constant temperature because the reaction rate is highly sensitive to 
temperature. Reactions are followed with time either by measuring 
the progressive change in some physical property such as pressure, 
light absorption, electrical conductivity, optical rotation, etc. or by 
withdrawing samples at regular intervals followed by chemical ana- 
lysis after ‘arresting’ the reaction. For gaseous reactions where the 
number of molecules changes, the reaction is usually followed by 
noting the change of pressure. Some illustrations for reactions in 


solution are given below. 

(i) FIRST ORDER REACTION (H,O, DECOMPOSITION)— 
The most extensively investigated reaction is the decomposition of, . 
hydrogen peroxide in solution which is catalysed by various sub- 
stances, viz., by finely divided metals, such as platinum, gold, etc., by 
the enzyme called blood catalase, and by the iodide ion. The chemi- 
cal equation is shown below. 

2H,O, — 2H,O+O, 
A soluti f hydrogen peroxide (about 0.2N) is kept in a thermo- 
gat ge uae ake and to it is added the catalyst also at 


21 
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the same temperature. Ten c.c. portions of the pm po er vi 
drawn after definite intervals of time and are run into i So 
water to check further progress of reaction (arres? the sige : 
The peroxide concentration is determined by quick titration ari 
a standard permanganate solution. Data for a typical run at ; : 
is presented in the table. Since in a first-order reaction it pee 
matter in which units the concentrations are expressed, we have 
used the volume of permanganate as a measure of peroxide concen- 
tration. The last column shows that the reaction rate conforms 
with the first order equation (20.1) very well and so it is concluded 
that H,O, decomposition is a first order reaction. 


HYDROGEN PEROXIDE DECOMPOSITION 
eee eee 


Time. Permanganate H,0, decomposed Specific Reaction 
(minutes) Titre (a+x) in c.c. KMnO,, x Rate, k, per minute 

0 46.1 OE O et 4 F ee nk 

5 37.1 9.0 0.0435 

10 29.8 16.3 0.0438 

20 19.6 26.5 0.0429 

30 12.3 33.8 0.0440 

50 5.0 41.1 0.0444 

Mean 0.0437 


(ü) SECOND ORDER REACTION (HYDROLYSIS OF 
ESTERS)— 

The reaction is represented as follows and is kinetically of second 
order. 


CH,COOC,H;+OH- —> CH,COO-+C,H,OH 


Equal volumes of two equimolecular solutions (N) of NaOH and the 
ester are mixed in a thermostat at constant temperature say at 25°C. 
Five c.c. of solution is withdrawn at frequent intervals and is quickly 
run into an excess volume of iced standard HCI solution to quench 
the reaction. The solution is now titrated with standard alkali and 
from the titre the fraction hydrolysed is calculated. These values 
substituted in equation 20.6 gives good constant values of the second 
order rate constant k, from which it is concluded that these are second 


order reactions. Data for two typical runs with methyl acetate and 
ethyl acetate respectively are shown in the table. 


Ethyl Acetate | Methyl Acetate 
Time, £ Fraction k= x Time ¢ Fraction x 
minutes Saponified, x t(I=x) | minutes Saponified, x (= t(1—x) 
0 0.000 Aa 0 0.000 T 
5 0.245 0.0649 3- 0.260 0.117 
7 0.313 0.0651 5 0.366 0.115 
9 0.367 0.0645 7 0.450 0.117 
15 0.496 0.0650 10 0.536 0.115 
20 0.566 | 0.0652 15 0.637 0.117 
25 0.615 0.0642 21 0.712 : 


0.118 
a OFS Um 
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(i) PSEUDO-UNIMOLECULAR REACTION (INVERSION 
OF CANE SUGAR)—The hydrolysis of cane-sugar in presence of 
dilute acids or the enzyme invertase as catalyst to form glucose and 
fructose according to the equation— 

C,2H220,, -+H,O=C,H,,0,+C,H,,0, 

cane sugar glucose JSiuctose 
though apparently bi-molecular follows the first order law with 
respect to cane sugar. This is because in the above reaction which 
is usually conducted in aqueous solution, the concentration of water 
remains practically constant, and so, the reaction speed is propor- 
tional only to the concentration of cane sugar. Such reactions are 
sometimes very inadvertently styled pseudo-unimolecular reaction in 
place of the more appropriate term first-order reaction (vide Table 
for other examples, P. 321). 


This reaction is called ‘inversion of cane sugar’, since the optical 
rotation changes from dextro to laevo during the course of the reac- 
tion. It occupies a prominent position in reaction kinetics as being 
the first chemical change to be timed (in 1850 by Wilhelmy). The 
reaction is usually followed by observing the optical rotation in a 
polarimeter. If a, is the initial rotation and ap the rotation after 
completion of the reaction and a, the optical rotation at any time, £, 
then, “a” the total quantity of sugar originally present is propor- 
tional to the total change in rotation, a;—a,, and (a—x) the frac. 
tion of sugar remaining at time, ¢ becomes proportional to the actual 
change of rotation after this interval i.e. a—ay. These values when 
substituted in the first-order equation k,t=/n [a/a—s], give, 


20.4 


Some values of k, calculated according to the above equation are 
given in the following table, showing the hydrolysis of cane sugar 
(0.44 molal) in presence of 2.5 molal formic acid. The constant, k, 
thus calculated remains fairly constant. 


Observed k Lal log 21% Time, t Observed Velocity 
Rotation bapa ar (hours) Totation | constant, k, 
a a 


57.90 (a) SA 15 28.90 
53.15 0.0146 35 6.75 
48.50 0.0149 52 — 2.05 
44.40 0.0147 85 —11.25 
40.50 0.0147 complete —15.45 (ap) 
mean—> 


Mathematical Formulation of Second-order Reaction— 
Reactions in which two molecules (which may be same or different) 
take part and the rate is proportional to the concentration of each 
of them, are called second-order reactions. 

Let the reaction be represented as 

A+B — C+D 
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Tf the original concentrations of A and Bare a and 6 respectively 
and if x represents the number of moles of A or of B decomposed 
in time, t, then rate of disappearance of A or B (=rate of increase 
of C or D) is given by the rate law 

d (a—x)_ dx __ bors Tis 
E E ka(a—x) (b—x) .. w (e) 
where k is the second-order specific reaction rate. This equation om 
integrating by the method of fractional parts yields the equation 
A 2.303 b(a—x) l 
e 8 AA T a 20,5 

If the original concentrations of A and B are equal we have a=b 
and so the rate law become 

dx 


A ka(a—x)? 35 oe nie « (CH. 
which on integration yields 
ES 5 
2 a(a—x) + 120:6 


It may be noted that since a—x=c, the concentration of the sub- 
stance decomposing, this equation can be put in its reciprocal form, 


ie. 
1 1 
aussie 20.7 
which shows that l/c increases linearly with time with slope=k, 
Unit of k,—Since k, is given by 
k dc 1 _ cone. 1 A 1 
conc.2  TimeX Cone. 


2d time 
it is evident that k, has the dimension of reciproacal of concentra- 
tion X time i.e. litre per mole per sec, in our usual unit : 

Physical Significance of ky—If concentration of the reacting 
species c is put equal to unity, i.e. ¢=(a—x)=(b—x)=1, in either 
equation (c) or (d), we obtain à 


_ dx 

ar Rate of decomposition (c=1) 

i.e. k, is the rate of decomposition at unit concentration of the reac- 
tants. In other words, in our usual units k is numerically equal 
to the number of moles decomposing in one second (i.e. in unit time) 
provided the concentration is maintained constant at one mol 

litre throughout this one second interval, S er 


Half-Decomposition Period—It can b i : 
x=a/2 in equation 20.6 that T3=1/ak,, Pe ae by Dee 
period in a second order reaction is inversely proportii T EEE NNE R 
power of initial concentration and is onal to the 3 


equal to 1/k, provided a=1. 
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Thus, we see that both the unit of k> and the expression for the half 
decomposition period in a second-order reaction are different from that 


of a first-order reaction. 


HIALF-DECOMPOSITION PERIOD 


Decomposition of Phosphine 


Decomposition of Nitrous oxide 


Initia! Half-Life Intiial Half-Life 
Pressure Period Pressure Period 
(sec.) (sec.) 


296 255 84 
139 470 4 84 
§2.5 860 $ 83 


That the half decomposition period varies as above is illustrated 
from experimental. data in the foregoing table for the first order 
decomposition of phosphine (PH,—>P-+3H») and the second order’ 
decomposition of N,O (2N,O—2N,+0O»), where it will be found 
that the time for half decomposition is constant for the unimolecular 
reaction but is inversely proportional for the bimolecular reaction. 


Examples of Second Order Reactions—There are many 
well-established second order reactions in gas phase and in solution. 
Some of them are also bimolecular and so they are supposed to be 
second-order elementary reactions, unless and until proved other- 
wise. A few are listed below. 


Activation 
Equation Kinetic energy 
feature KCal/mole 
as Second 
Gas phase 3 order, 
(i) Decomposition (a) 2HI + H,+I, Bimolecular 44.0 
(b) 2NO, + 2NO+0, 26.9 
(c) 2NOCI -> 2NO+Cl, i 23.6 
(ii) Displacement (a) H-+D, > HD+D D 7.5 
reaction (6) Cl+H, > HCl+H me 5.5 
(iii) Dimerization (a) CH,=CH.CH=CH, sp 25.5 
Butadiene > Dimer 
Solution phase 
(i; Substitution (a) I-+CH,Br > CH,I+Br- S 18.2 
reaction (b) OH-+CH,I > CH,OH+I- x 22.2 
(c) CH,Br+Br*- >CH,Br*-++Br- 5 15.8 
(îi) Addition (a) (CcHs);N+-C,H,Br (in CHo) » 11.2 
reaction Quaternary salt tT 
(iii) Hydrolysis (a) CH,GOOCG,H,+OH- Second order 
of ester +CH,GOO-+C,H,OH 


Experimental investigation of a typical second order reaction 
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in solution has been already described on P. 322 with respect to 
hydrolysis of esters. 


Comparison of First and Second order Reactions—We sum- 
marise below the main features of first and second order reactions. 


First Order Reaction | Second Order Reaction 


Specific Rate 1 1 x 
constants, k= a ==, 
kı and k, 


Variation of log ¢ decreases —increases 
concentration, ¢ linearly with ¢ c 
with time linearly with ¢ 
a _ 
(time conc.) 
Depednds on 
concentratition (reciprocal) 


Dimensions of 


(time=1) 
k, and k, 


Independent of 
concentration 


Half-decomposi- 


Independent of 
tion period, Ty 


depe f Inversely proportional 
initial concentration iti 


to initial concentration. 


Third order Reaction—The 
reaction in which three different 


rate law for a third order 
types of molecules take part is 


+ Si Skalaar) (0-2) (e—a) 


where a, b and c are the initial concentrations of the 
* denotes the number of moles of each which 
# A special case arises when the initial co 
ze. a=b=c, The equation then becomes 

dx 

tend FS AAS 
+ di ka(a—x) 


which on integration changes to 


pi 1 1 1 
=a {aap a} i .. 20.8 
The - reaction between stannous chlo 
solution according to the equation, 


SnCl,+2FeCl, —> SnCl,+2FeCi, 


reactants and 
is decomposed in time 
centrations are equal 


` 


ride and ferric chloride in 


irc o O or Cl, or 
m recombination reactions, as shown ‘below. i 


2NO+0,=2NO, je 2NO+Cl,=2NOC] $ 2NO--Br,=2NOBr 
Br+Br+M>Br;+M ; I+I+M-— 11m 


where a ‘third body’ M is necessary to drain out the high recombina-~ 
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tion energy. An unusual feature of the 2NO+O,—-2NO, reaction 
as also that of the Br+-Br-+-M->Br,+M reaction is that their speed 
of reaction decreases with increase of temperature though generally 
the speed increases two to threefold per ten degree rise of tempera- 
ture. 


it may however be generally remarked that reactions of an order 
three or higher do seldom occur and in fact, the elementary nature 
of the foregoing reactions of NO is on very good grounds doubted by 
many chemists. The reason for this is that the chance of three or 
more molecules colliding simultaneously is so remote that the possi- 
bility of their occurrence is negligible. The present belief is that 
a reaction, however complex, is the net effect of a number of simple 
steps (elementary reactions, vide P. 319 & 328) of bi-molecular and 
unimolecular reactions of varying speeds. 

Zero-order and Fractional order Reactions—A reaction -is 
said to be of zero-order when the speed is proportional to the zero 
power of the concentration i.e. reaction speed is constant and is inde- 
pendent of the concentration. Evidently in such reactions, ¢ plotted 
against ¢ would give a stratight line because de/dt by definition is 
constant, Thus the reaction, bromination of acetone in acid solution 
according to thé equation, 5 

CH,COCH,+Br.—-CH,COCH,Br-+ HBr 


is said to be of zero order with respect to the reactant bromine since 
the reaction speed is not influenced by a change in the concentration 
of bromine within limits. 

Not all reactions are of integral or zero order, and many frac- 
tional order reactions are known. A very well-known and theoreti- 
cally important reaction is the conversion of ortho-hydrogen to para- 
hydrogen which is found to be of §-order. “Usually such order in- 
volves a mechanism where atoms or free radicals are intermediates. 


Determination of the Order of a Reaction—The order of a 
reaction may be determined from experimental data in either of the 
following ways :— 

(a) APPLICATION or THE FormuLa. TRIAL meTHoD—The 
method consists in trying to fit all the equations for the differenf 
types of reactions with the collected data and to find out which ot 
the equations gives the most concordant constant for the specific 
reaction rate, k, ork, orks. The method is laborious and some- 
times the reactions are too complicated to yield a satisfactory constant 
with these simple equations. 

(b) METHOD OF EQUIFRACTIONAL PARTS—It is often convenient 
to determine the time required to complete a given fraction, say, 
half of the total reaction for different initial concentrations. This 
‘half decomposition period’ should be a constant for a first-order 
reaction and inversely proportional to the concentration for a second 
order reaction and so on, for reactions involving equal initial con- 
centrations of the reactants. 
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(c) METHOD OF Grapuinc—The following relations which have 
been already established are utilised in this method. 


(i) For a first order reaction, log c decreases linerarly with é, ze. 
log c plotted against ¢ gives a straight line with negative 
slope (=—2.303/k,). i $ 

(#) For a second order reaction the reciprocal of concentra- 
tion (l/c) increases lineraly with time (t) and slope= 
rate constant, ks. 

(ii) For a third order reaction 1/c? increases linearly with ¢ 
(slope=2k.). 


(4) MetHop or IsoLation—This consists in varying the concen- 
tration of one of the reactants and studying its effect on the reaction 
speed while the concentrations of the other substances are kept very 
large so that they do not sensibly vary during the course of the feac- 
tion. Thus the reaction, 2FeCl,+SnCl, — 2FeCl,+SnCl,, is of 
third order since the speed is Proportional to the concentration of 
stannous chloride when the ferric chloride is in large excess and is 
proportional to the square of concentration of ferric chloride when 
the stannous salt is in large excess. The method has recently fallen 
in disrepute, since it has been shown that the speed variation in pre- 
sence-of large concentrations of other substances, particularly elec- 
trolytes, may be quite different from the normal behaviour. 


chemical equation Suggests, and as already pointed out (P. 319) such 
reactions are called complex reactions as op 


step) reactions, The primary aim of the study of reaction kinetics is to 
establish the succession of elemenatry re: 
‘any given reaction. These steps taken together are called the 
MECHANISM of the complex reaction. It is evident that teh 
slowest of this chain of reactions determines the reaction speed. 
So the slowest elementary reaction is called the rate-determining step 


or ‘bottleneck’ of the net reaction, Some examples are discussed 
below. 


_@)_ N0; Decomposition—This reaction which is a first order, 
unimolecular reaction was for long wrongly thought of as an elementary 
reaction. It is now known to be composed of the following steps. 


Step (1): N,O;+NO,+NO, (fast) 

Skp (2): NOs-+NO,+NO,+NO-40, 

Step (3): NO,+NO>2NO, (fast) 7 
Kinetic analysis of these steps yield a first order d 


such a scheme also agrees with other observati 
change, introduction of NO, etc.). 


(slow) [Rate-determining Step]. 


ependence on IN,O,]; 
ons (effect of pressure 


(i) Hydrolysis of t-butyl chloride—The oy, 


erall reaction, 
(CH,) sCCl+ H,O—(CH;),COH+H++ 


Cl-, is composed of the fol. 
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lowing two steps, of which step (1) being slow controls the reaction 
rate and so the reaction follows the first order kinetics. 

Step (1): (CH,),CCI+(CH;),C* +Cl- . . . (slow) 

Step (2): (GH,)3C*+H,O+(GH,);COH+H* (fast) 


(iii) Second order Displacement Reactions—These reactions 


-called Sn2 reactions are elementary reactions, which occur in a single 
step through a well defined transition complex, as is shown below 


for hydrolysis of methyl bromide— 
H H 


SA 
OH-+CH,Br +HO..C. . Br > HOCH,+Br- 
(Reactants) H Products 

(Transition Complex) 

A recent result of great interestin which reaction kinetics has played an important 
role, is the discovery that in nitration of benzene and similar compounds 
by HNO,—H,SO, mixture, the nitronium ion NO,* is the real nitrating 
agent as shown below. 

2H,SO,+HNO; = 2HSO,-+H,0++NO,* 
C,H,-+NOst > CHNO," > CHNO, +H* 
r reactive intermediates, such as hydrated electron, 


The existence of many othe ctiv s hydr 
cen indicated or established by kinetic studies. 


free radicals, carbenes, etc. has b 

~ Chain Reactions—A reaction caused by a series of successive 
self-sustaining processes is known as a chain reaction. The combi- 
nation of hydrogen and chlorine is a good example for details of 


which vide P. 349. 


Other good exam) 
‘latter being caused by 


Complexities of Reactioi 
to the ideal types hitherto d d 
“due to the presence of (a) counter OF opposite 
(c) side reactions, and (d) period. of induction, 
for these disturbing influences. 


Period of Induction—Some reactions seem to have a period of 
induction, i.e. a short period at the initial stages when the reaction 
seems to be almost at a standstill and it goes on with normal speed 
after this period. The first observed case is the reaction between 
‘hydrogen and chlorine in the presence of sunlight to form hydro- 
‘chlorie acid. Such induction period or inhibition period is very 
common in photo-chemical and polymerization reactions and is often 
due to the presence o! impurities which are being 


f negative catalysts as 1 2 
destroyed during the induction period, or due to a slow build-up of 
an active intermediate. 


ples are polymerization and explosions, the 

branching chain mechanism. 

ns—Commonly occurring reactions do scarcely conform 
escribed. Conditions are generally more complicated 
reactions, (b) consecutive reactions, 
and due allowances are to be made 


Influence of Solvent on Reaction Speed—The classical study 
is by Menschutkin (1887) who studied the kinetics of the uaea 
tion reaction, say, between trimethyl amine and methyl iodide to 
form the quaternary ammonium iodide as given by ede 


(CH,).N-+CHsI — [ (CHa) N] "+I 


H 
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in’ number of solvents, and observed that a more than thou- 
aren aaa of speed could be brought about by a change ot 
solvent. That an enormous change of speed can be effected A 
merely changing the solvent is also illustrated by the data (vide Table) 
on the esterification reaction between ethyl alcohol and acetic anhyd- 
ride to form ethyl acetate in various solvents. Recently, many dipolar 
aprotie solvents such as DMF (dimethyl formamide), DMSO (dimethyl 
sulphoxide), etc. have been found to increase enormously the speed 
of many organic reactions, so much so, that such solvents are used 
for organice preparations. 


Triethyl amine and Acetic anhydride 
Solvents ethyl! iodide at and ethyl alcohol 


100°C ; k, at 50°C ; ka 
Hexane ` 0.0119 


Benzene 0.0046 
Chlorobenzene 0.0053 


Anisole 0.0029 
Benzyl alcohol J 


A satisfactory explanation of these observations is yet lacking 
though it has been suggested that dielectric constant is an important 
factor in influencing reaction speeds. Any such simple theory is 
however evidently untenable. It is remarkable however that the 
speed of N,O, decomposition is nearly the same in a large number 


of solvents and is almost equal to the rate of decomposition of N,O, 
in the gaseous state. 


Effect of Temperature on Reaction Speed : Energy of Activa- 
tion—The speeds of practically all reactions are increased by a rise 
of temperature (for cases of exception to this tule, vide P. 327), This 
enhancement of speed is somewhat different for different reactions, but 
generally, the speed increases between two-fold to three-fold or even 
slightly higher for a rise of temperature of 10°C. 

The following empirical equation, called Arrhenius? equation, 
first suggested by vant? Hoff and verified by Arrhenius has been 
found to represent satisfactorily the variation of reaction s 


peed with 
temperature for many reactions. ARRHENIUS’ EQUATION is 
; E-A ERT 20.9 
or, taking logarithm, loge k = logs, A — E/RT 
E 
or log k = log A — Saas RT ee ae 20510 


where k is the velocity constant at the absolute temperature T, and 
A’ and E are constants, A being called frequency factor, and BE, the 
ENERGY OF ACTIVATION of the r ; 


eaction. 

The above equation implies that log,k of any reaction when 
plotted against 1/T gives a straight line of solpe E/2.303R (Fig. 
102). This is generally found to be true. Further, it leads to th: 
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inference that other things being equal, a large energy of activation 
signifies a low reaction rate but 

at the same time a high tem- zs 3 
perature coefficient of the re- {i 
action. The energy of activa- 
tion is generally identified as 
the excess energy per mole above 
the average that a molecule should 
possess to make it prone to decom- 
position. (vide next section) 
This is made clear by 
Fig. 102 and its explanation. -as 
So, in reactions in which pri- 
mary bonds are ruptured or 


4.5 


created, the energy of activa- 150 450 4.70 
tion, E usually lies between 1/7 %10? 
20,000 and 60,000 calories per [Slope is proportional to—E] 
mole. The above equation has Fig. 101—Linearity of log k vs 1/T 
got a formal analogy with the (N:O; decomposition). 


equation representing the varia- 
tion of equilibrium constant with temperature [eqn. 14.23 & 14.24]. 


THEORY OF REACTION RATE 


ate aim of a theory is to predict 
ation 20.9]. The current theories 
tical approach are made to inter- 


Preliminary Considerations—The ultim 
for any reaction the value of its A and E [equ 


are far short of this goal. Two kinds of theore' o t ; 
pret the eeaertnental vallicg ofA and E. They are respectively called collision theory- 


i i i Iso called: 
which is based on kinetic theory, and the theory of absolute reaction rate (also c 
the transition state theory) which is based on quantum mechanics, and we shall discuss 


them very briefly in the next sections. 

It should be pointed out here that the rate of reaction can posib Paa 2o direc 
connection cither with the heat of reaction or with the postion or eu an es 
free energy decrease of the system. This is easily seen fom e Bona eae 
of racemization of various optically acne organs S eee ee piel 

ioni i ro for all and the free en > n- 
the heat ofreaction is practically ze! arana laeo (ie. K=l, = 
ic approach to reaction rate 
denly we have to find out 


ision Theory of Reaction Rate—If we calculate from: 
el eee the total arabes of collisions (P. 2) aing Place pet 
second in a gas decomposing at a measurable spee and 5o s ke 
number of molecules decomposing per second, it wil e oun iai 
the former is in far in excess of the latter. That Eh al De ecu a 
collisions in a gas do not lead to chemical reaction but on y a smal 
fraction of them is effective in this sense. Hence mo! goular en 
counters do not necessarily cause chemical Senta ut some urt er 
conditions must be fulfilled. The question natura A arises what is 
this additional impetus which actuates some moleci a in a given 
sample to decompose in any given interval while others do not, though: 


‘they are undoubtedly chemically identical. 
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this engima is suggested by the kinetic theory ac- 
ee hae all Te molecules in a gas though they are orai 
S idential are not physically so. They differ widely among them 
San speed as given by Maxwell’s law of distribution of velocities, 
eee in kinetic energy content. Chemical change takes place 
Ee 1 Bees collisions which occur between molecules having rela- 
Be eS energy in the direction of collision in excess of a 
Bes critical amount. This critical amount of energy necessary 
fr chemical transformation of molecules calculated per mole is ealled 
the ENERGY OF ACTIVATION, E for the reaction and molecules 
endowed with energy greater than this value are called ACTIVATED 
MOLECULES. Only the activated molecules decompose on colli- 
‘sion. S 
The value of the fraction of collisions 
endowed with energy greater than E is found 
to be equal to exp.(—E/RT). If the total num 
gas at unit concentration be A, evidently the number of molecules 
«decomposing per second, which is equal to k, will according to colli- 
sion theory be given by the following equation- 


k = Ae—E/RT 
where A is called the Srequency factor 


‘Thus we have been able to deduce 
tion for reaction rate, from collision 


involving molecules 
from kinetic theory 
ber of collisions in a 


and E is the energy of activation. 


equation 20.9, the general equa- 
theory. 


Transition State Theory—According to this theory the two 
reactants say, AB and C first form a transition complex A....B. Sate} 
which then decomposes into A and BC. 


AB+CSA...B...C>A4BG 
(reactants) (transition) (resultants) 
complex) 
forc 
now 


The basic idea is that we must somehow 


a Is e G to come so close to B that 
B becomes undecided as to which atom it belo: 


, thougl 


ated complex 
is the energy of activation, E. Fig. 102 
graphically describes the energy bar- 
rier created by the formation of the 
transition complex. We have, as it 
were, to roll the reactants over this 
energy hill of the transiti 
the valley of the Products. The ob- 
served rate of reaction wo 
to the net rate of formati 
Fig. 102.—Potential Energy Profile of cece cospe 

an exothermic Reaction A crude Physical analogy of the 


energy of activation may help to 
‘clarify the concept. To roll a ball from one 


valley to another, the ball has to be 
taken to the top of the hill Separating the two 


valleys. The difference in level bet- 


REACTION COORDINATE 


k 


SPEED OF REACTIONS 333 


ween the two valleys corresponds to the heat of reaction, while that between a valley- 


Reactants Products 


Fig. 103—Theory of Transition State (i.e. Activated Complex as intermediate stage) 


and the top of the intervening hill, the energy of activation. Fig. 103 is a graphical 
representation ofsuch a mechanism for the reaction, H,-+I,+2HI. 


It would be noted from Fig. 103 that in the transition state the interatomic dis- 
tance of all pairs of atoms involved in the reaction increases because in the transition 
complex the atoms are in a loose state of combination. 


This theory is amenable at least in principle to mathematical analysis with the 
help of quantum mechanics and an equation similar in form to equation 20,9 is 
obtained. To go into any more details would be much beyond the scope of the 
present book but it may be remarked that this approach has found more favour 
and is being much refined and developed to embrace a large number of reactions. 


EXERCISES 


1, Explain the terms ‘‘Rate law” and “Velocity constant” and their physical 
significance. How would you distinguish between a first order and a second 
order reaction? Give examples ofsuch reactions in the gas phase and in solution. 


2. Write short notes on :—(a) Order of a reaction, (b) Uni-molecular re- 
action, (c) Elementary reaction and (d) Heat of activation. 
3. If one per cent decomposes in the first minute in a first order reaction, 
calculate how Pae would remain undecomposed after the first hour. [54.4%]. 
4. Deduce the integrated expression for the velocity co-efficient of a (i) one- 
half order and (ii) a three-half order reaction. 
=k,=k, for three reactions being respectively of first, second and third 
el patentee d in moles/litre, what will be the above rela- 


order when concentration is expresse he 
tion if the concentration unit is moles/c.c.? [k1=10-*k,=10-* kg] 


. of A be present in one litre of a solution and x gms. decompose 
in ae teen ae will this amount decomposed in one hour change on dilution of 
the original ‘solution to twice its volume in case the reaction is of (i) first order, (#) 


second order or (iii) third order? 


[© x ü) Š Gi) 1+ = all 


š A A er 
. Ifk is numerically the same for three reactions of first, second and third orde: 
ae ects "anit of VARRON which reaction should be the fastest? Is this 
true for all ranges of concentration? Discuss. 
[For c>1, Rate Rs>R,>Rx ; if e=1, R,=R,=R;, ; if c<1, Rs<R.<Ry] 


CHAPTER XXI 
CATALYSIS 


Introduction—In 1835 Berzelius drew attention to the fact that 
‘the speed of a number of reactions was enhanced by the mere pre- 
sence of a foreign substance, which did not apparently take part in 
the chemical reaction, for example, platinised asbestos by mere contact 
causing hydrogen—oxgyen mixture to explode, or igniting Coal gas 
issuing out of a Bunsen burner. A striking lecture demontration of 
«catalytic action can be given by adding a few drops of PdCl, solution 
to Mg-ribbon immersed in water ; brisk H,-evolution accompanied 
by heat evolution bringing the water to boiling takes place. 

Berzelius believed that such acceleration of speed was due to some 
kind of mysterious force, and named the phenomenon catalysis, and the 
substance thus influencing a chemical reaction, a catalyst. The Indian 


itself being permanently involved in the reaction. 
point of reaction kinetics, catalyst generally acts 


alternative path with a lower energy of- activation (P. 332) for a 
particular reaction. 


Homogeneous Catalysis—The name applies to cases where 
all the substances are present in one single phase. Classical examples of 
such catalysts are (a) nitric acid vapour in the oxidation of sulphur 
dioxide (Chamber process) and (b) traces of moisture in the combus- 
tion of hydrogen, carbon monoxide, etc. Homogeneous catalysis 
in solution includes acid-base catalysis e.g. inversion of cane sugar 
atalysed by acids, and hydrolysis of methyl acetate catalysed by 


both acids and bases, hydrolysis of urea by urease (an enzyme con- 
tained in soyabean powder), etc. 


- , This is usually 
called CONTACT CATALYSIS, and is of reat technical impor- 


as catalyst in the syntheis of ammonia. 
f ammonia. (1) & (2) together are utilis- 


ed for fixation of nitrogen in the manufacture of fertilisers (for example, in 
Sindri, Bihar). A 


hur dioxide (Contact 5 J 
ture of sulphuric acid). p. toxide (Contact proces: for manùfac: 


(4) Nickel catalyst for hydrogenation of vegetalbe oils t isoli 
viz. vegetable ghee or Vanaspati. Saa a cect oe 


ali ZnO +Cr.O, for synthesis 
a 25 Cla: i 
catalyst for ‘cracking’ Mineral oil to petrole: 2 E a a ato synthetic) 


at 


-H 
es z= 
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Types of Catalysis—Catalytic reactions are conveniently class- 
sified into four types (a) positive catalysis, (b) negative catalysis, (c) auto- 
catalysis and (d) induced catalysis. 


(a) Positive Catalysis—This type of catalysis includes those 
reactions in which the speed of the reaction is increased by the presence 
of the catalyst. The term catalysis was originally applied in this 
sense only, and all examples already given are of this type. 


(6) Negative Catalysis—When the catalyst retards the speed 
of a chemical reaction it is called a negative catalyst, a retarder or an 
inhibitor. Examples of this type are :—alcohol (commercially added 
to CHCI;) retarding the oxidation of chloroform to poisonous phos- 
gene gas ; hydroquinone stabilizing vinyl compounds which otherwise 
polymerize, glycerol retarding the oxidation of sulphite by air ; etc: 

The importance of negative catalysis in technology is enormous. Unstable 
„chemicals are preserved by negative catalysts, eg. a trace of hydroquinone 
stabilizes monomers ; acetanilide or barbituric acid preserves hydrogen peroxide ; 
sodium benzoate is used as a food preservative, and corrosion inhibitor, etc. An impor- 
tant type of negative catalyst is classed as ANTI-OXIDANTS which are of great 
technical importance for rubber, food, plastics, petrlocum and oil industries, and 
billions of rupees worth are manufactured annually. Thus, aromatic amines, thiou- 
rea, etc. are used as antioxidants for prolonging the life of rubber ; n-propyl gallate, 
butoxy anisole, etc. are added to ‘Vanaspati’, butter and some oils to retard the 
onset of rancidity ; and so on, but the widest technical application of negative cata- 
lysis is in the use of lead tetra-ethyl or iron pentacarbony] as ‘anti-knock’ in motor a 
fucl. It is nowadays believed that such reactions are chain-reactions and negative 
catalysts retard the reaction by breaking a vital link jn the chain. 


(c) Auto-Catalysis—Some reactions proceed with gradually in- 
creasing rapidity due to the formation of a catalyst as a result of the 
chemical reaction. Thus hydrolysis of ester by water is auto-catalytic, 
since the acid liberated as a result of hydrolysis catalyses the reaction. 
A common example is the decolorisation of permanganate by oxalic 
acid which is initially a very slow reaction but, after some time goes 
on fairly rapidly due to the formation of Mn++ ions, which catalyse 


the reaction. 
Induced Catalysis—Sodium arsenite solution is not oxi- 
a the oxygen of the air, but sodium sulphite is oxidised under 
If air is passed through a mixture of sulphite 


the same condition. 1 alph 
and arsenite solution, both of them undergo simultaneous oxidation, 


| ite is not oxidisable by any of the substances present 
A E S This type of reaction is’ called induced 
catalysis. Tad is due to some transient active intermediate formed in 


the first reaction. ; si> ee 
iteria is—(i tity of a catalyst is suffi- 
t of Catalysis—(i) A small quan 7 
ies to effect an appreciable change in the velocity of a reaction. A well- 
known example to the point is the presence of minute traces of moisture 
indispensable for a number of reactions (see later). Ae 
a i i f copper salt in influence- 
A triking case is the influence of ‘ i f 
ing PER ER aiioa of sodium sulphite solution by air, Wee: 
is perceptibly enhanced by the presence of copper salt even at a dilu- 
tion of 1 part in ten million litres. 


336 ELEMENTARY PHYSICAL CHEMISTRY 


(ii) The catalyst remains unchanged in mass and compostiion—Though 
there is no diminution in amount or any permanent change in the 
chemical composition, a catalyst of course gets temporarily involved 
in the reaction. As a result the physical state of the catalyst may 
be changed. Solid crystalline KMnO, when used to catalyse KCIO, 
decomposition becomes disintegrated into a fine powder. Smooth 
platinum when used as a catalyst in the oxidation of ammonia becomes 
roughened and pitted on the surface after some use. 3 

(iii) Catalyst “cannot start a reaction—Ostwald believed that the 
catalyst can only accelerate a reaction which is already occurring 
very slowly. According to this view, hydrogen and oxygen „are 
actually combining at room temperature, but so slowly that it is 
beyond detection ; the introduction of platinum catalyst only hastens- 
this reaction. This view becomes plausible on the ground that hydro- 
gen and oxygen do really combine with measurable velocity at high 
temperature, but with decreasing temperature the speed rapidly falls 
off. Ostwald compares a catalyst as a ‘whip on a horse, or oil in a 
machine only decreasing the friction by proper lubrication’. 

The other view holds that hydrogen—oxygen mixture at room 
temperature is a case of ‘arrested’ reaction or unstable equilibrium and 
the catalyst does actually initiate the reaction to go to the the state of 
true equilibrium. It is difficult to decide between these two opposite 
views, “which have been likened to a game in which the catalyst is either 
comparable to the crowd which cheers the players or is looked upon 
as an essential player without whom the game cannot proceed”. 


(iv) The catalyst merely speeds up the approach to equilibrium but cannot 
alter the final state of an equilibrium; it influences the direct and the reverse 
reaction to an equal extent — Since a catalyst is reproduced back after 
the reaction and so does not supply any energy to the system, the 
the free energy change, AG° remains unchanged. Since free energy 
change determines the equilibrium point (AG°=—RT (nK), it 
follows from thermodynamics that it will have no effect on the true 
equilibrium point ; its only effect will be to reach the same equilib- 
equilibrium point in a shorter time. This is rather quaintly express- 
ed in the epigram ;—“‘A catalyst is a substance that makes a chemical 
reaction that could happen but does not happen, happen”. And 
hence, “once a reaction strikes the rock of an unfavourable equilib- 
brium constant, no mere catalyst can salvage the wreck.” 

This point has been experimentally tested for various reactions. 
For example, it has been found that at the same temperature the 
yield of sulphur trioxide is the same, whether the catalyst used be 
platinised asbestos, ferric oxide or vanadium pentoxide. 

Thus, the equilibrium constant, K is independent of the catalyst. 
But K=k,/k, ie. K is the ratio of the two velocity constants, If 
the catalyst changes any one of k, and k», the other will also change 
in the same proportion so that their ratio K remains the same (vide 
P. 209, eqn. 14.1). This means that if a substance catalyses the 
the forward reaction, it also catalyses the backward reaction. It 
can never increase the equilibrium yield. 


í 
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(v) Universality and specificity of catalytic action— The pheno-- 
menon of catalysis seems universal and specific, since almost all types 
of reactions are catalysed by suitable agents. For every reaction 
however, there is a most effective catalyst, which can be discovered. 
only by trial and experiment. 


Types of Catalysts : The modern trend is to classify catalysts - 
on the basis of the type of reactions in which they take part. Thus 
alumina is an efficient dehydration catalyst whereas nickel is a power- 
ful hydrogenation catalyst. Some of thé various types of industrially 
important reactions and catalysts are mentioned below : 


Reaction Example Catalyst 
(1) HYDRATION : TA See Silver Oxide 
| 
H OH 
Epoxide Glycol 
(2) DEHYDRATION: (G;H,OH = G,H,-+H,O Alumina, Zirconia 
Alcohols Olefins 
(3) HYDROLYSIS : Oils+-Water=Fatty acids ZnO, CaO, 
(Glycerides) +Glycerol Twitchell Reagent 
(4) HYDROGENATION : 
Olcfins +H, =Paraffins Nickel, Pt, Pd, 
Oils+-H,=Fats (Vanaspati) Reduced nickel 
N: +H:>NH, Fe,O3/Al,03/Cr.03 
(5) DEHYDROGENATION : 
Ethyl Benzene=Styrene+H, Cr,O,/MoO; 
(6) OXIDATION : 
Benzene-+Air=Maleic Anhydride V2O5 
$O,+40,=SO, (Contact process) Fr 
(7) ALKYLATION : 
Benzene-+alkyl halide, alcohol or AICl;, BF;, HF 
olefin=alkyl benzene 
(8) ISOMERISATION, n-ParaflinIso-paraffins AICI; 
(9) CRACKING : 
Long chain ?} _, {Branched chain Clay, Bauxite, 
hydro-carbons. J Uhydro-carbons MoO; 
(10) HALOGENATION : Pt/PtO, 
Olefins-++Gl, =Dichlorolefins SbCl, FeCl, 
(11) DEHYDROHALOGENATION : i 
Dihalo-olefins>Vinyl halide Al,O3, Active characoa? 
(12) POLYMERIZATION : Ethylene+Polyethylene Ziegler Catalyst, 
Styrene ~Polystyrene Peroxides, Persalts 


Catalyst Poisons—Certain substances even when present in 
minute traces seriously damage the efficiency of the contact catalyst 
and ultimately destroys the catalytic activity. These substances are 
called catalyst “poisons” or anti-catalysts, the most well-known being 
arsenious oxide in contact process for manufacture of sulphuric acid. 
The poisons act very likely by blocking the active sites of the catalyst. 


Catalyst Promoters—Promoters are substances which though 
not catalytically active, enhances the activity of the catalyst. A 
technologically important promoter action is the use of aluminium 


22 
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oxide and alkali metal oxides in conjunction with reduced iron as 
catalyst in the synthesis of ammonia, the catalytic mixture having 
the composition of Fe+-Al,O,+K,O (or Na,O). 

Water and Impurities as Trace Catalyst It often happens that many chemi- 
cal reactions run with a convenient speed owing to the presence of mosisture or some 


unknown accidental impurity acting as the catalyst. For example, H,-+Cl,>HCl ; 
H.+} 0,-H,O ; GO+40,>CO, ; NH;+HCISNH,Cl s cic: 

Attempts have been made to advance a common explanation based on either 
dipolar nature of water, or chain mechanism, or intermediate compound formation. 
It appears that every such reported reaction must be considered separately as a 
specific case. 


Mechanism of Catalytic Action—Fundamentally, catalysts often 
act by providing a reaction path that has considerably lower energy 
of activation (E) than that of the uncatalysed path of reaction. For 
example, the uncatalysed H,O, decomposition has E=18 Keallmole, 
whereas the same reaction catalysed by platinum sol has E=12 
Kcal/mole and that catalysed by the blood enzyme (catalase) has E=5 
Kcal/mole. All mechanisms are aimed to find the details of this easier 
reaction path. Catalytic reactions are usually explained on the basis 
of either of the two theories, (a) Intermediate Compound Theory and 
(b) Adsorption Theory both of which really offer easier reaction path. 

(a) INTERMEDIATE COMPOUND THEORY—Th 
explains catalytic phenomena as due to the formation of unstable 
intermediate compounds of greater activity than the reactants. Two 
classical examples are: (1) NO, as “oxygen carrier” in lead chamber 
process, and (2) ethyl hydrogen sulphate as ‘intermediate? in catalysed 
dehydration of alcohol by HSO, to ether. The composite steps for 
(1) are shown below ( a slow reaction replaced by two fast ones) 

G) 2NO+0,=2NO, . . . . fast 

(ii) SO,+NO,=SO,+NO ... . fast 

_ the netreaction being, 25O, +0,=2S0; (slow) 

In acid-base catalysis in solution, com 
H+ ion or OH- ion as the case may be, 
mediate compound and such mechanism 
kinetic order. In Friedel-Craft’s reaction, 
tive compound of AICI, and the acid chloride 
carbonium ions, R+, the true reactive intermedi 
centration, is generally assumed. As a matter 
accepted reaction mechanisms in organic chemist 


is theory 


either carbonium ions, or carbanions or free 
(carbenes) in extremely minute concentrations, 
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‘dently applies only to heterogeneous catalysis ; its essential idea is 
that the solid catalyst adsorbs the reacting molecules and brings 
them in close proximity which somehow is responsible for the chemi- 
cal reactions. Such a theory was first suggested by Faraday to ex- 
plain the catalytic combination of hydrogen and oxygen by plati- 
num. The detailed mechanism is not fully known but the following 
three factors are deemed to be mainly effective. 

(2) Close proximity of the Reactanis—It is believed that on the surlace 
of solid catalysts there are some isolated active spots where due to 
the residual affinity of the solid surface, molecules from the gas phase 
arè adsorbed which react and then fly off leaving the surface free 
for fresh action. High concentration of the gases in the adsorbed 
layer as also their activation (vide iii below) are important factors 
for this increased activity. 


(ii) Catalyst acting as a Storehouse or as a ‘Sink’ for Energy—When 
two molecules collide and react, the heat of reaction remains in 
the resulting molecule, which if not deprived of this energy by fresh 
collision or internal transfer to some other bond automatically breaks 
down again. It is believed that the catalyst surface renders 
positive help in draining out this excess energy. Furthermore the heat 
of reaction may be stored in the catalyst which may be available 
for activating further reactant molecules as they get adsorbed. 


(iii) Specific weakening of a Chemical Bond by Adsorption and Con- 
sequent Lowering of Engery of Activation—Many metals (Ni, Pt, Pd, 
Ag, Cu, Fe) which adsorb hydrogen are good hydrogenation/dehy- 
‘drogenation catalysts. In hydrogenation the absorbed hydrogen 
‘becomes activated due to loosening of the H—H bond which may 
even lead to dissociation to active H atoms as is schematically shown 
[for nickel in Fig. 104. Such activation of hydrogen naturally 


©© OH @ A` 
oe o 


Physically-adsorbed Transition state Chemi sorbed 
en molecule hydrogen atoms 


Fig. 104—Activation of hydrogen by Nickel catalyst. 


smoothens the path of reaction by lowering the energy of activation 
necessary for the process. Of course, an optimum strength of adsorp- 
tion is also necessary to produce the best results. Too strong adscrp- 
tion would tend to block the active sites and too weak an adsorption 
‘would fail to create good coverage in the adsorbed layer. 


That specific chemical forces come into play is also seen from 
the fact that metal oxides (called semiconducting or non-stoichio-~ 
metric oxides, for example NiO, ZnO, CuO, Cr,O;) which can take 
up or give off oxygen on heating are good oxidation/reduction cata- 
lysts whereas the non-conducting refractory oxides (Al,O,, MgO, 
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SiO,) which are stable to heat, are not. The latter oxides particular- 
ly Al,O, however, are good dehydration catalysts possibly due to their 
strong affinity for water and hence AlO, decomposes alcohol vapour 
to ethylene and water (C,H;0H—C,H,+H,0) as contrasted with 
copper catalyst which dehydrogenates (C;H;0H--CH,CHO+H,). 

These two theories are not really incompatible with each other. 
In fact, the loose adsorption compound of the adsorption theory and the 
unstable intermediate compound of the other theory are, in essence, the 
same though clothed in different languages to suit different circums- 
tances and view points. 


on which the enzyme acts. Some very 
enzyme action are the diastase of the sp 
enzyme zymase present in yeast which is 
t a cnzyme urease present in soya 
bean which converts urea into ammonium carbonate amylase which. 
hydroyses starch>to maltose, invertase which hydrolyses “cane-su ar 
to glucose and fructose, the Ptyalin of the saliva, the 5 
and trypsin present in the gastric juice and the pancreatic juice res- 
pectively which help the digestion of food, ete. 
hormones, vitamins, etc. are all examples of bioc 
About the kinetics of enzyme action, 
the reaction speed is proportional to the 


time remains sensibly constant throughout, the reaction thus appear- 
ing null-molecular i.e. of zero order. It is believed that the reacting 
molecules get adsorbed on the giant (colloidal) enzym 


Enzyme action is, however differenti f is i 

É ( i lated from catalysis 

important respects. Most enzyme reactions haye got Bf PUNEA 

working temperature, often the blood temperature of mammals, be- 
> 


ee ee 
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low or above which the reaction speed rapidly falls off. The enzymes 
often require the company of some smaller molecules, called coen- 
zymes, which may be inorganic ions or adenosine diphosphate or 
triphosphate, to be fully effective. The enzymes are very specific in 
their action ; the enzyme decomposing cane sugar may not decompose 
malt sugar ; urease (found in soya bean) hydrolyses urea but not 
methyl urea ; lactic dehydrogenase oxidises L-lactic acid but not D- 
lactic acid. The reactions brought about by enzymes are often 
inhibited by small quantities of extraneous matters usually classed as 
poisons. The enzymes generally require a definite range of acidity 
(i.e. narrow limits of pH) beyond which all action ceases. 


Previously some mystery surrounded the enzymes, but recently 
they have been proved to be definite chemical individuals generally 
of proteinaceous nature ; quite a few of them have been isolated 
in the pure crystalline form ; the structure of some has been lately 
‘determined (for example, insulin) and a few enzyme have lately 
‘been synthesised. Probably the most spectacular of such synthesis is 
that of co-enzyme A, an enzyme taking an essential part in the 
‘oxidation process in living cells, by Har Govind Khorana, an Indian 
organic and polymer chemist now working in U.S.A. ; Khorana 
received jointly the 1968 Noble prize for physiology and medicine. 
He has synthesised smaller molecules similar to DNA (deoxyribonucleic 
acid) and RNA (ribonucleic acid). Khorana’s aim is to synthesise 
an artificial gene that functions in a living cell and lately he has 
made impressive progress—all this throwing much light on the ‘genetic 
code’, nay, on the mystery of the life process itself. 


Importance of Enzymes in Science and Industry—Organic 
metabolism, i.e., the conversion of food into’ energy and structural 
molecules by living matter, is a series of enzyme reactions and hence, 
their study is of vital importance to the science of biology and medi- 
cine. Industry also owes a great deal to the activity of the enzymes 
‘or ferments as they are ordinarily called. Besides the familiar manu- 
facture of wine, vinegar, curd, cheese, etc., the manufacture of sol- 
vents depends on fermentation process ; butyl acetate and amyl 
acetate, the two main solvents for nitrocellulose lacquers and var- 
nishes are products of fermentation industry in the sense that their 
intermediates, butyl alcohol, amyl alcohol and acetic acid along with 
many more viz. acetone, lactic acid, etc. are all produced by fermen- 


tation. 
EXERCISES 


I 

1. Explain with illustrations :—(a) Catalysis, (b) Negative catalysis. 

2. What are catalyst poisons and promoters? 

3. Discuss a few commercially important catalytic processes. 

4, Give a brief account of the various theories that have been put forward to 
explain the phenomenon of catalysis. : " f : 

5. Explain the principal features of catalytic action. Write short notes on 
the industrial uses of the following catalysts : iron, nickel, platinum. 

6. Give a short account of enzymes as biochemical catalysts, 


CHAPTER XXII 
PHOTOCHEMISTRY 


General—Light has a strong influence on the course of many 
chemical reactions and photochemistry is concerned with the study 
of such reactions. The effect of light may be as follows. 


(i) The reaction may go faster than in the dark (catalytic 
effect). 


(t) The normal equilibrium point may get shifted (photo- 
stationary state). 
(ai) An alternative reaction path may be taken to yield a pro- 
duct different from that of the ‘dark’ reaction, 
(w) A novel reaction may be brought about. 
visible or ultraviolet 
0) H40 >, ory 


sunlight 
(2) Br.+CH,COOH: —————  CH,BrCOOH+- HBr 


a CH,.CHBr.CH, 
(8) CH,.CH = CH, + HBr 3 


(Propylene) Ne y 
CH,.CH,.CH,Br 
(4) Hydrocarbon, ultraviolet 
say, Cy.H,,+SO,+ Cl, —C,.H,;SO,Cl+-HCl 


Reaction (3) shows that a common organic reaction viz. addition of 
r to a double bond, takes quite a different course in presence of 

light ; reaction (4) is an example of an unusual type of reaction (sul- 

phonation of an alkane) brought about easily by ultraviolet light. 


Nature of Light—Light is merely electromagnetic waves, and 


like all waves it has a definite wave length which depends on its 
colour or its position in the spectrum. Sinc 


meters are known. Ordinary visi 


of this wide range, and extends in wavelength roughly from 4000A 
(blue) to 8000A (red) ; lower wavelengths in the neighbouring region 
igher wavelength 
upto about 10,000A and somewhat beyond being called infrared 
rays. The whole wavelength pattern is shown schematically below : 
(4000-80004 ) 


A=About 1Å Visible Few hundred Meters 


Infra- j Heat £ 
red i Waves i 


X-ray f Ultraviolet fi Radiowaves 
i d 
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Energy Content of Light—Though light consists of electro- 
magnetic waves as discussed above, for purpose of photochemistry it 
is best to regard light as composed of small packets of energy, each 
such packet being called a photon or light quantum. The energy 
contained in each quantum of light is hy, where A is Planck’s con- 
stant and v is the vibration frequency of the light ray, i.e. 


Energy of light quantum, E = w .. wo) 22A 


which is the most fundamental equation of photochemistry. It is to 
be noted that higher is the frequency, the higher is the energy per 
quantum. So a quantum of violet light has much more energy than 
a quantum of say, red light and so the fomer is more photochemi- 
cally active. The ultraviolet is in its turn much more photochemi- 
cally active than visible light, and so sometimes the violet and 
ultraviolet portion of sunlight or any source of light is called actinic 
rays. 

It is a fortunate, fact that the highly active portion of sunlight 
(below about 2900 A) is almost wholly filtered off by absorption by ` 
the traces of ozone present in the upper atmosphere ; had it not 
been so, the photochemical effect of this light would have made the 
surface of earth incapable of supporting life. This is one of the reasons 
why moon and the planets are devoid of life. In fact, scientists have 
lately become very much concerned that the oxides of nitrogen present 
in the exhaust gases of say, supersonic aircrafts may diffuse to the 
upper atmosphere and destroy part of this ozone layer ; this would 
play havoc on life on our earth. 


The energy content of light quanta on molar basis, i.e. Nhv where 
N is Avogadro number is shown in the following table, this amount 
being often called an EINSTEIN OF RADIATION. It should 
be noted that an Einstein of radiation is comparable with and is 
even higher than the usual values of energy of activation and so a 
molecule after absorption of a light quantuin is in an activated state 


favourable for undergoing a reaction. 


ENERGY OF AN EINSTEIN OF RADIATION 


| 
| Einstein=Nhp 
Description of Light | Wave Legnth Å hy (Ergs) in Calories 
10,000 1.99 x 10-22 28,580 
ten 7,000 284x 10-12 R 
Orange 6,200 3.20 x 10-28 46,100 
Yellow 5,800 3.42 x 10-12 49,280 
Green f 5,300 375X 1021 53,930 
Bl 4,700 4.23 x 10-12 60,820. 
Violet 4,200 4.73 xX 10-12 68,060 
Ultraviolet 3,000 6.62 x 10-42 95,280 
Ultraviolet 2,000 9.93 x 10-12 142,920 
1 1.99 x 10-8 285.8 X 108 


X-Rays 


` 
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Light Absorption and Excitation of Molecules—When a 
molecule in the ground state (i.e. an ordinary molecule, vide P. 84) 
absorbs a quantum of light, this energy-rich molecule is called pe 
excited molecule (to be designated in our equation by an asterisk (©) 
sign). The excited molecule due to its changed electron distribution 
is profoundly different from the ground state molecule in its physical 
and chemical properties (for example, its size and often shape), so 
much so, that it is best to consider it as a new molecule. This excited 


molecule (with electronic ard vibrational excitation) may suffer 
either of the following changes :— 


(i) The excited molecule may almost immediately emit light as fluorescence 
and fall to a lower energy level. 


(ii) The exicited molecule may pass to a metastable state which may itself 
emit light for a longer period as phosphorescence. 


(iii) The excited molecule may get the whole or part of its excess energy con- 
verted to heat (i.e. Kinetic) energy of the su 


rrounding molecules. 
(iv) The exicted molecule may react chemically as it is in an energetically 
activated state. The excited molecules usually are not only electronically 
excited but also have excess vibrational ener, 


gy; that is, the nuclear motions 
and bonding (also nonbonding) electrons are both energised. 


Primary Photochemical Process—Processes (i), (ii) and (iii) 
are photophysical process, whereas when (iv) happens this comes 
under photochemistry. In photochemistry the excited molecule 
may do either of the two things. It may (2) either directly undergo 
a chemical change, 

M--hv>M*—Products 


for example, cis-trans isomerization, o 


-xylene—p-xylene, etc. 
(ü) Or, it ma 


y decompose into active intermediates, usually free 
radicals :— 
Bro-t hy — Br-+-Br 
‘ CH,COCH,-thy > CH,+CH,CO 


These two processes caused by 
called primary photochemical 
reactions of these free radicals ar 


direct result of light absorption are 


Process. All subsequent chemical 
secondary reactions. 


ence are many dye solutions, a 


i l of fluorescein (dye) giving strong 
greenish fluorescence in sunlight ; ordinary red inks (eosin dyes) have 


2 
also an easily noticeable green flourescence. 
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Phosphorescence—The term ‘Phosphorescence’ is usually 
applied to slow emission of radiation continuing long after the excit- 
ing radiation is cut off ; it is rather loosely called ‘delayed fluorescence’. 
The mechanism is similar to fluorescence except that the ‘excited’ 
electron somehow gets ‘trapped’ in a metastable excited state (called 
triplet state) with very low probability of direct transition to the lower 
ee which results in a very slow re-emission and return to the ground 
state. 

Two Basic Laws of Photochemistry—Since varied reactions 
are brought about by light and the result is usually very complex 
both chemically and kinetically, it took a long time to understand 
even the simplest photochemical reactions. Many postulates had to 
be made and later discarded but two have stood the test of time and 
are sometimes referred to as the first and the second law of photo- 
chemistry. The second law is more often called the law of photo- 
chemical equivalence. The contents of these laws are too self-evident 
against the background of modern knowledge on the interaction 
between radiation and matter and so really there is no need to treat 
them as special laws. However, since they have played historical role 
in the development of the subject they are stated and discussed below. 

(i) FIRST LAW OF PHOTOCHEMISTRY—This law merely 
states the almost obvious fact the only light which is absorbed is photo- 
chemically active. This law is sometimes called Grothus-Draper Photo- 
chemical law. 

In other words if the substance has an ebrorp on pane for light ote certain waves 

a m: . V 
lengit then and e eerie light More will Dedo OFEN of Hae 


ident because if there is no g a 
Snes . Light can do nothing by mere passage 


cules and so no photochemical reaction. 1 i 7 
through matter ; only when molecules arc excited by absorbing energy from this 


light or radiation there can be photochemical reaction. 

(ii) EINSTEIN’S LAW OF PHOTOCHEMICAL EQUIVA- 
LENCE (The Second Law of Photochemistry)— This, law merely 
states the fact that the primary act in photochemistry is absorption 
of one quantum of light of energy, hy by one molecule (or atom) to 
form an excited molecule (or atom). Evidently, there is an Gi: 
to-one correspondence between the number of quanta and the ae er 
of molecules absorbing the radiation. The student should note that 
this is a violent departure from classical physics (wave nature of light) 
according to which the light energy should have been spread out over 
‘a number of molecules and not one quantum per molecule. a 

The observed chemical change is the result of secondary gemen 
reactions of the reactive species (excited molecules or atoni on aee 
radicals produced by the primary act as governed by Einstein’s law. 


Quantum Efficiency—Quantum efficiency is defin p the 
number of molecules reacting per quantum of absorbed light, t.e. 
Number of molecules decomposed 


Quantum efficiency, $ = Number of quanta absorbed i 
To instan. i ivalence one 
According to Einsteins law of photochemical CA TA 


quantum of radiation activates one molecule. 
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is the decomposition of this activated or excited molecule, we should 
get unity for the quantum efficiency for all photochemical reactions. 


Quantum EFFICIENCY 


Quantum 
af efficiency 
Reaction Sensitiser Wave length, A (Molecule/ 
quantum) 
eee 
2HI=H, +I, (gaseous) None Near ultraviolet 2 HI 
2HBr=H,+Br, of Sy i 2 HBr 
SO.+Cl,=SO,Cl, ,, >” 4200 1 Cl, 
H.+Cl,=2HCl ,, 23 4000-4360 upto 10° HCL 
20,=30, Cl, 4300 20; 
Anthracene & Dianthracene None 3140, 3650 0.48 
(in solution) 
H,O,=H,0+430, 3> None 3100 7—80 
H,G,O, (oxalic acid) 
=H,0+C0+C0, ,, 3 2650 0.01 
Sie 2» » 3650 0.001 
Hos E (Uranyl ion’ 2540-4550 0.5—0.6 


UO,++ 


———— OO —————___________ | 


Howver, due to secondary reactions the quantum efficiency is 
hardly ever unity 


3 its value ranges from very low to very’ high values 
(vide Table). Low values are evidently due to some kind of non- 
utilisation of the excited molecules for the reaction, and high efficiency 


is due to chain reaction ; the theoretical value of unity is hardly 
ever the case. 


Photo-sensitization and sensitizers—According to the first law 
of photochemistry only the absorbed light is photochemically reactive. 


However, it very often happens that an external substance makes a 


system sensitive to some region of spectrum to which the system 


is normally insensitive due to the system’s having no absorption in 


this region. The sensitizer absorbs the light,and makes it available 


to the system. Thus ozone does not decompose in visible light because 
it has no absorption band in the visible ; but if a trace of chlorine 
is present it is rapidly decomposed by visible light which is absorbed 
by chlorine. Such a phenomenon is called photosensitization and 
the substance which brings about photosensitization is called a sen- 
sitizer, or PHOTOSENSITIZER. 
Photosensitization is of very common occurrence, á classical 
example in gas phase being mercury-photosensitized dissociation of 
2 to H atoms ; photo-decomposition of oxalic acid solution sensi- 
tized by uranyl ions, UO,++ is another well-known example. The 
most important example in nature is photo-synthesis in which chloro- 
phyll acts as the photosensitizer (see later), and in industry is pan- 
chromatic photographic plates where some dyes are added as sensi- 
tizers so that the photographic plate is sensitive to all regions of the 
visible spectrum instead of the high-energy blue region only. 
Qualitative Discussion of Some Photochemical Reactions— 
All photochemical reactions may thus be thought of to be composed 
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of two stages: (1) The primary photochemical process ; followed 
by (2) The secondary reactions. The student should carefully note 
in all the examples cited below these two decisive stages. 


(a) Halogenation of Organic Compounds— Many organic 
compounds are halogenated photochemically. The primary reaction 
js rather simple ; the halogen molecule dissociates into atoms 
(Cl,--hv—>Cl-++Cl ; Bro--hv—>Br-+Br) and these atoms either react 
directly or bring about chain reactions (to be discussed later under 
H,+Cls reaction). Note that visible light is effective because the 
halogens have absorption in the visible. 


b) Dimerization of Anthracene— Solutions of anthracene 
and similar organic substances when exposed to ultraviolet, dimerize. 


The mechanism seems to be 

A-+hv—>A* 

A*t AZA * >At thermal energy. 
which involves excited anthracene molecules. Many similar reac- 
tions even between two different types of molecules are known. The 
final stage is a stage of equilibrium ‘under illumination and so such 
equilibrium states are called photostationary state. Note that this equili- 
prium is at a different point from the ordinary (dark) equilibrium. 


(c) Photosynthesis—The most important photochemical re- 
action is the formation of starch. Carbon dioxide of the air reacts with 
water in green leaves in presence of sunlight by the catalytic influence 
of chlorophyll in green plants according to the overall equation, 
nCOo--nH,O-+-xhv—>(CH;O)n+nO2 ; 

This reaction is of extreme importance as being practically the 
ce of all our energy’ (excepting unclear energy) and 
food. The mechanism of the reaction is not comple- 


but many interesting and essential facts have 
dies (P. 397) 5 


ultimate sour 
much of our 
tely understood as yet 
become lately known, particularly by ‘radioactive tracer’ stu 
some of these are discussed below— 

(i) The oxygen which is given out during photosynthesis comes 
from water (and not from CO,), and so the reaction may be looked . 
bsraction from water. 


upon as a hydrogen a 
ii) Since neither water nor carbon dioxide absorbs visible light, 


it is evident that chlorophyll is acting as a photosensitizer to the above 
reaction. Chlorophyll has absorption in the red and green and both 
these absorptions are photochemically active. Five to six quantas 
are generally necessary under the most favourable condition to fix 
one molecule of carbon dioxide. This is also very near the theoreti- 
cal limits of efficiency calculated from energy consideration. 

(#CO,) as tracer it has 
to name a few, formal- 


dehyde, glyceraldehyde, and the like, are formed al s 
illumination is started. Evidently, the photosynthetic reaction seems 


to involve a large number of steps all i 
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(d) Photographic Reaction—The photographic plate consists 
of a layer of silver halide (mainly AgBr) crystals embedded in gelatin. 
A ‘latent image’ is formed on illumination which on ‘developing’ and 
fixing’ results in the photograph. Here also as in photosynthesis, the 


eventually reacts 
with gelatin and so is removed from the sphere of action. The elec- 


tron remains somewhat mobile within the crystal of AgBr and ulti- 


rystals sensitive to all regions 
of the visible spectrum, so that the intensity distribution in the final 


photography is more or less the same as seen by the naked eye. B 
using suitable sensitisers even infrared photography i.e, photography 
in the absence of visible light has been made possible. 


to their importance in the field of the 
radicals. In fact photochemical activ: 


ways of producing atoms’ and radicals and to study 
chemical reactions, 


quantum efficiency is 2 ($=2) for this reaction as well as for the ana- 
logous HBr—decomposition reaction. The mechanism is as follows. 
@) Al-+hy =H-+1 


i an Rate=Intensity (absolute) 
(ii) HHI =H, 17 ++ Rate=k, [H] [HI] 
(iii) I+II- Third body=I, .. Rate=k,’ [I]? 


Total Rate (by steady state ap 
In the first reaction moe probably an ordinar 


(b) Hydrogen—Chlorine Reaction—When a mixture of hydro- 
gen and chlorine is exposed to such light as is absorbed by chlorine 
(green or higher frequency), a very fast reaction, sometimes with 
explosive violence, takes place. The quantum efficiency (4) of the 


ne 
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process (ġ=ratio of the number of HCl molecules formed to the 
number of light quanta absorbed) is extremely high ranging to 
almost as high as a million or so. The mechanism of the reaction is 
now well understood to be a radical CHAIN REACTION as 
described by the following equations. 


(i) Cl,--hv—>Cl-+-Cl .- Initiation 


(äi) ClLH,-HCLLH 
(iii) HLGEOHOLLCI) 


(w) Cl--Cl+-Third Body—>Cl, .. Termination of chain 


Chain Propagation 


Light produces the chlorine atoms by the initiation reaction (i). 
The chlorine atom reacts rapidly with a hydrogen molecule to form 
HCI and a hydrogen atom (reaction či) ; and the H atom reacts very 
fast with a chlorine molecule (reaction 7) to form HCl and a chlo- 
rine atom. So reactions (i) and (ii) complete a cycle or reaction 
chain, such that we start with a chlorine atom and get back another 
chlorine atom after production of two molecules of HCl. Evidently, 
this chain can go on indefinitely, thus one quantum of light bringing 
about the combination of many molecules of H, and Cl,. Some chlo- 
rine atoms are of course lost by mutual combination in presence of 
a third body such as the wall or another unreactive molecule (the 
third body is necessary to drain away the heat of this strongly exo- 
thermic reaction). Oxygen strongly inhibits the reaction because it acts 
as a scavenger for the H-atom through the reaction, H--O,—»HO,, 
thus interfering with the radical chain process. It should be noted 
that hydrogen atoms and chlorine atoms maintain a small but steady 
concentration and so they are often said to be in a ‘steady state? or 
‘stationary state’. 


The following kinetic expression has been deduced on the 
basis of the above mechanism, 
f dHCl m 
Rate of HCI formation, a [Hə] v$ X Intensity. 
The experimental results are well in accord with this theoretical 
expression within the limitation of the large experimental error of 
this fitful reaction. 
It is highly interesting to note that in the similar reaction H,+Br.+-/hp =2HBr, ` 
the reaction chains are very short because the popagation setp Br-++-H,-HBr+H. 
is very slow (high energy of activation). The H,+I,=2HI hardly involves a chain 


though recently (1966, Sullivan). This reaction has been shown to involve I atoms 
and the mechanism is not as simple as given by Bodenstein (1899) (P, 214). 


(c) Photolysis of Acetone—When acetone vapour is illumi- 
nated with near ultraviolet light (3300A or lower) it decomposes, 
the following being the primary photochemical process. 


CH,COCH,+/v>C,H,+CO 


The overall quantum efficiency of the process is much less than one 
(about 1/6). This is due to the fact that though the main reaction 


\ 
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(2) CH,COCH,-+-hv—CH, + CH,CO 

(i) CH,CO—CH;+-CO 

(wi) CH,+CH,>C.H, 

(iv) CH,CO+CH,;—CH,COCH, 
follows the course shown by equations (2), (%) and (iii), a good por- 
tion of the radicals reacts according to equation (iv) giving back 
acetone. Besides, every quantum absorbed does not dissociate the 
acetone molecule as very often the energy absorbed by the C=O 
group does not get a chance to be localised in the proper C-C bond. 


This recombination reaction (iv) which decreases the quantum 
yield is even of more importance in the photolysis of methyl iodide, 
where the quantum yield is about 1/100. The primary reaction is of 
course CH,I+-Av-->CH,+1 but the CH, and I formed, instead of 
reacting further, mostly recombine (in the “solvent cage”) to form 
‘CH, I back thus reducing the quantum efficiency to such a small value. 


Universality of Photochemical Reactions—The reason for the 
extensive occurrence of photochemical reactions can be easily under- 
stood. The „photochemical energy N4v for say, blue light of wave- 
length 4000A calculated on molar basis turns out to be 67,000 


calories (vide Table, P. 343). This energy is certainly greater than 


the usual activation energy (10,000 to 40,000 calories) necessary for a 
chemical reaction and so, a molecule endowed with this energy is in 
a fayourable position to react. Furthermore, this energy of the light 
quanta, which is of course much more in the ultraviolet, is compar- 
able in magnitude with the usual bond energy values and so there 
is good chance of breaking bonds by absorption of a light quantum 
by localisation of this energy as vibration energy in the chemical 
bond. Evidently, radiation of shorter wavelength would be more 
powerful. ‘This is actually so as all types of high energy radiation, 
e.g. X-rays, a-rays, y-Tays, neutrons, etc. have been found to cause 
chemical reaction. A new chapter in chemistry called RADIATION 
CHEMISTRY has lately been developed to study such reactions, 
which are usually very complicated and non-specific. 


In our country where sunlight is in plenty, photochemical reac- 


tions should be utilised to a larger extent in the laboratory and 
industry. 


EXERCISES 


1. Write notes on :—(a) Quantum efficiency, (b) Photosensitiser, (c) Photo- 
synthesis, (d) Photoreaction in a photographic plate, (e) Chain reaction 
(f) Fluorescence and Phosphorescence, i 


I and (g) Universality of photochemical 
reactions. 

2. Discuss the mechanism and quantum yield of hydrogen bromide forma- 
tion and hydrogen bromide decomposition by light. 


3. Discuss the hydrogen—chlorine photochemical reaction with special reference 
to its quantum yield. : 


2 


PART V : SURFACE CHEMISTRY 


“About one-half of the Universe is believed to exist 
in the form of fine particles.” 
—Clyde Orr 
(Fine Particle Measurement) 


CHAPTER XXIII 
ADSORPTION & OTHER INTERFACIAL PHENOMENA 


Introduction—If a piece of cocoanut charcoal is introduced into 
a closed space containing say, ammonia gas, it is observed that a 
good quantity of ammonia is quickly taken up by the charcoal. Not 
only ammonia but almost all gases are thus taken up by charcoal to 
a more or less degree, some typical data being given below. 


Vol. of gas adsorbed by 1 c.c. carcoal 


pe 
Gas oa —85C 

ee | 
Argon 12 175 

Oxygen 18 250 

Carbon monoxide 21 190 

Nitrogen 15 155 

Hydrogen 4 135 

Helium 2 15 


It can be proved experimentally that the gas which is thus taken 
up remains on the surface of the charcoal, and does not go into the 
interior of the solid. The simplest proof of this is that if the same 
sample of charcoal is more finely divided to produce greater surface 
area per unit mass, it can take up more gas. This process of ascu- 
mulation of any substance (here, a gas) on the surface of another substance 
is called ADSORPTION. Hence adsorption is a surface pheno- 
menon and as such, is a fairly rapid process, as contrasted with 
ABSORPTION which is a slow process as it involves diffusion into 
the interior of the material. Strong adsorption is connected with a 
large surface and so all good adsorbents are solids in a very finely 
divided state, for example; charcoal, silica gel, etc. 3 activated charcoal 
may have a surface area of about 400 to 900 sq. meter per gram (more 
than a fifth of an acre). 

Not only gases but also liquids and substances in solution can be 
absorbed by suitable adsorbents. An example of the last type is met 
with in decolorising sugar solution with charcoal. In fact adsorp- 
tion by a precipitate is a nuisance in analytical precipitation and 
Various devices for example, precipitation from homogeneous solution 
are used to minimise it. However, adsorption from solution is much 
less understood than adsorption of gases by solids. So, most researches 
of fundamental importance are concerned with gaseous adsorption, 
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Two Types of Adsorption—It is 
Kinds of forces are operative in adsorption processes. The first kind 
is the weak van der Waals forces (P.46) which cause gas molecules 
to condense into liquids. Adsorption caused by the interplay of 
such forces is called PHYSICAL ADSORPTION or sometimes 
plysisorption, The second kind of force is much stronger and is basi- 
cally the same as causes chemical combination between atoms. Adsorp- 
tion caused by the operation of such forces is called CHEMISORP- 
TION or ACTIVATED ADSORPTION, the 1 
from the fact that such adsorption has a rather hi 
tion (experimentally this means that the rate of 
considerably with temperature). These two ki 
are discussed in some details below 


generally believed that two 


Physical Adsorption—The characteristics are as follows : 
() Lack of specificity—As already 
the interplay of weak van der Waals forces 
van der Waals forces are universal, such ad: 
city, which means that a given su 
attraction for a few particular gases. 


mentioned it is caused by 
between molecules. Since 
sorption shows no specifi- 
rface does not show very strong 


(ii) Effect of temperature—Physical adsorption takes place 
quite strongly even at very low temperature. 

Firstly, physical adsorption has almost zero e 
so the rate is very little affected by lowering o. 
physical adsorption since it is caused by for 


tion, naturally becomes stronger near to th 
or below T,. 


nergy of activation and 

f temperature. Secondly, 

ces which cause liquefac- 

e critical temperature, T, 
(iit) „Effect: of pressure—Since Pressure helps condensation to 

the liquid state, ph: increases with pressure. At 

near saturation pressure, (i.e. when P/P 

LAYER ADSORPTION sta 

tends to increase very rapi 


the normal vapour 


ill d TORE condensation 
Pillary condensati i i Š 
kind of physical adsoption z Te Mareh as evidently a 


refore, mportant on 
adsorption is its almost complete REVERSIBIBI 


Owering of pressure. 
_ (wv) Nature of Gas—Since the inte 
liquefaction are operative, it is evident th 


€, of physical 
> the adsorbed gas 


tmolecular forces causing 
at the easier a gas is con- 


The reason is two-fold. ~ 


= wens Aes Pate 


-o 


TOAT ce es 
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densable (i.e. the higher the boiling point), the more is the physical 
adsorption. 

(u) Heat of adsorption— Both physical adsorption and 
chemisorption are exothermic but the heat of physical adsorption is 
much smaller than that of chemisorption and lies nearabout 5000 
calories/mole—values very similar to heat of evaporation. 


Examples of Physical Adsorption—The oft-quoted example of 
physical adsorption is that of nitrogen on mica (or iron) at near liquid 
nitrogen temperature. Activated carbon is mostly physical adsorption 
(a large part at low enough temperature being capillary condensation 
inside the pores) accompanied in many cases with chemisorption. 


Chemisorption—The characteristics are as follows : 

(i) High specificity—Just like chemical bond formation, 
chemisorption is highly specific, for example, oxygen on metals with 
virtual oxide formation (Langmuir’s classical experiment of tungsten 
oxide formation as surface monolayer by adsorption of oxygen) ; 
hydrogen on transition elements with unpaired d-orbitals leading to 
dissociation and hydride formation in a monolayer (vide Fig. 104, 
P. 339) ; a part of the adsorbed oxygen forming oxides of carbon on 
activated charcoal, etc. this is essentially ‘monolayer adsorption’ 
and is often well described by Langmuir adsorption equation (eqn. 


23.4) i.e. a limit is reached. 

(ii) Effect of temperature—Since chemisorption is strongly 
exothermic like many chemical combinations, it should according to 
Le Chaterlier’s theorem show higher adsorption at lower temperature. 
However, the energy of activation being high, the rate falls off rapidly, 
making it too slow for observation at low temperature. So it is 
said that physical adsorption takes place at low temperature and 
chemisorption at comparatively high temperature and sometimes, this 
is known to occur in the same system (for example, hydrogen on iron). 

It is to be noted that adsorption always entails a loss of entropy 
(more order) and a decrease of free energy (a spontaneous process) 
and so it must always be exothermic (te. AH negative ; vide eqn. 
10.15, P. 135). So, by Le Chatelier’s principle all kinds of adsorption 
should decrease with increasing temperature. 

(iit) Effect of Pressure—An increase of pressure, as is also true 
for a chemical combination, increases chemisorption and that is one 

high pressure is often used in industrial catalysis, 


of the reasons why 
(iv) Nature of Gas—As already mentioned chemisorption is 


specific, and so gases which have the potentiality of compound forma- 
tion with the adsorbent are chemisorbed. 

(w) Heat of Adsorption—Heat of adsorption in chemisorption 
js rather high (about, 20,000 to 60,000 calories) similar in magnitude 
to the usual values of heat of reaction. 


Distinction between Physical Adsorption and Chemisorp- 
tion—The main distinctive features are noted below. PHYSICAL 


23 
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TION: (i) Caused by non-specific van der Waals 
eae hence wo near condensation temperature ; (i) Highly 
versible (can be pumped off easily and almost completely) ; 
Gi) Tends to form multi-layer with increase of pressure ; (iv) Almost 
zero energy of activation, t.e. rate of adsorption hardly changes with 
temperature 5 (2) Low Heat of adsorption. b 

CHEMISORPTION : (2) Caused by the same kind of forces 
as are responsible for chemical union ; (iż) 3 Not quite reversible ; 
(ii) The adsorbed layer is one molecule thick ; (iv) High energy 
of activation (v) High heat of adsorption comparable to usual heats 
of reaction. 

Effect of Pressure and Concentration—An increased pressure 
of a gas or vapour, or an increase in the concentration of a solute 
causes increased adsorption. The increase of adsorption with in- 
creased pressure is experimentally found not to be proportional to 
pressure but is somewhat less ; and so, Freundlich puts the adsorption 
proportional to a fractional power of pressure. The resulting equa- 
tion which gives the relationship between the amount adsorbed and 
the pressure is known as Freundlich adsorption isotherm. 


* _zplin EI WER. 
m Re oe E) =kP + 2331 
where x is the amount adsorbed by m gms of adsorbent at a pressure, 
P; k and n are constants for any given combination at any given 
temperature. This equation is an approximate one and fails if the 
pressure or concentration is too high. 

The same equation of Freundlich approximately describes the 
behaviour of adsorption from solution, with the difference that in- 
stead of pressure P we have to use concentration c. Thus, the equa- 


tion becomes, 
x n 
(=) a .. 23.2 


Taking logarithm of both sides, we get 


n log C) =log k+log c. 


This shows that if the logarithm of the 
unit mass of charcoal is plotted against the 
concentration in solution of the substanc: 
will be obtained. This is only roughly tru 

Langmuir’s Theory of Adsorp 
the po ened orpoan es due to 
sorbed and the unadsorbed gas. Langmuir ima ‘ine: 
molecule on striking a surface gets eodeni there hee a fea 
inelastic collision) and evaporates off only after an appreciable fe 
and this time lag between condensation and evaporation causes adsorpti i 
His another premises which evoked great controversy and AERE 
is that the adsorbed layer is normally only one molecule thick though 


amount adsorbed per 
logarithm of the final 


e absorbed, a straight line 
e in most cases. 


tion—Langmuir (1916 consi 
an equilibrium Bere hea 
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he concedes that under some circumstance 
; es polymolecular 
(i.e. a layer more than one molecule thick) ene eae sat r layers 
The adsorption isotherm can be deduced after Langmuir f 

be the number of molecules of a gas hitting per unit A E sect a 

in one second and let a constant fraction say, a of it adhere to the surf: adsorbent 

the number of molecules condensing per unit area Per sec. is au. If yee a Then 

tion already covered up with the adsorbed gas, then ( 1—9) fraction of ae Saas 
i face 


constant. At equilibrium, the rate of evaporation is equal to 
c a a thera: 
fain q te of condensa- 


AS  9= hb a i 
yð=au (1—0) ~. Oa or 0= oe (since varies as P) 


Now 0 is proportional to the quantity of the gas . A 
portional to ae E BS ence we ns aara pee Dedins Dios 
aP P_1., és 
iia yD eee Cer ai oy os ws 23.5 
where a and b are constants. 

This equation agrees very well with experiment as shown b 
the following table compiled from Langmuir’s data. Fig. 105 jenn, 
the same data as the amount adsorbed (x) versus pressure (P) curve. 
Fig. 106 shows the same data plotted as P/x against P, and this is 
found to be linear in agreement with the Langmuir equation (eqn. 
23.5). For moderately high values of surface coverage, Langmuir 
equation tends to reduce to Freundlich’s equation, which is, therfore 
only a particular case of Langmuir’s equation. The Langmuir 
isotherm fits most cases of chemisorption. 

AbsorPTION oF NITROGEN on Mica 


Pressure, p x (observed) x (calculated) 


hee P/x 
x 0.4 
8 
p 0.2 
10 20 3 10 20 
Pressure,mmx10? Pressure, mmx10° 
Fig. 105—Adsorption and Fig. 106—Langmuir’s Plot of 


Pressure Adsorption Data 
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However, Langmuir’s equation very often fails at higher pres- 
sures, and it is nowadays believed that in contradiction to Langmuit’s. 
idea of unimolecular layer, multimolecular layers are built upon 
owing to intermolecular attraction of the same type as causes gas 
molecules to condense (physical adsorption). Equations based on 
such ideas of multilayer adsorption, specially one called B. E. T. equation 
have been lately derived which give somewhat better agreement 
with experimental data and are much used for measurement of surface 
area of finely divided solid adsorbents. í 


Orientation at Interface—The credit of Langmuir does not lie 
so much in the deduction of the above equation as in affording a 
plausible picture of the process of adsorption. According to Lang- 
muir’s view, the adsorbed molecules are attached to the surface by a 
bond chemical in origin, as a result of which they do not remain. 
adsorbed in a haphazard way but get oriented in an orderly manner 
at the interface. In this connection his representation of say, palmi- 
tic acid on the surface of water has become a commonplace idea in: 


Fig. 107—Orientation at Interface 


surface chemistry. Langmuir has shown that when plamitic acid | 
spreads on water surface, the molecules instead of lying flat on the | 
surface keep standing erect more or less closely packed in a mono- 
molecular film with their carboxyl ends downwards and the hydro- i 
carbon ends upowards owing to the attraction of the carboxyl groups. 
for the polar water molecules (see Fig. 107, where plamitic acid 
C,;H,,COOH molecule has been represented as a rod with a enol 
at the end, the knob indicating the carboxyl group). The thickness 
of the film is observed to be 24 A and so the area per molecule of 
palmitic acid works out as about 21 sq. A and so the length of a CC 


bond as 1.5 A. This is probably the simpl i 
forward measurement of HEA dim magi a DEHA 


processes, the adsorbed molecules are subject t 
roce: he ad o mo 
directional orientations as a interact sae 


forces operating at the interface, of physicochemical 


In countries having acute scarcity of wa 
such monomolecular layers of stearic acid 


y evaporation (which is 
‘uring summer months. 
Exchange Adsorption. Permutit.—If a 


4 Gas salt i 
cium chloride is percolated through a colum: Sgution, say, cal- 


n of clay minerals it is 


{ 
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observed that some calcium ions are adsorbed by the clay and the 
latter gives out an equivalent quantity of sodium ions. In the case 
of kaolin, the reaction can be represented as— 

Sodium kaolin+(Ga**+2Cl-)—> Calcium kaolin-+2(Nat++Cl-). 


This phenomenon of adsorbing only one of the ions by a solid mate- 
rial in exchange for another similarly charged ion contained in the 
solid is called exchange adsorption. 

Important industrial application of this is made in the softenin 
and deionising of water. In the permutit process a very porous Em 
of clay minerals called Zeolites (natural or synthetic) is used. Hard 
water is percolated through columns packed with zeolites where 
exchange adsorption takes place resulting in an almost complete re- 
placement of the Ca++ and Mg++ ions by an equivalent amount of 
Na* ions from the zeolite. When the zeolite is almost exhausted of 
its Na+ ions it is reactivated by percolating a solution of sodium salt 
through it (also vide next para). 

De-ionisation of Water—Recently, synthetic resins simi 
zeolites in properties, called ION EXCHANGE RESINS, eae 
developed which not only can exchange cations but can also adsorb 
anions and free acids. Hence, if water is percolated successively 
through two columns, one containing a resin which exchanges cations 
with its own H+ ions and another which exchanges negative ions 
with OH- ions or adsorbs acids, the percolate would be de-ionised 
water also called DEMINERALISED WATER. In all advanced 
countries such deionised water which is much cheaper to produce is 
used in place of distilled water in many industries to the extent of 
millions of gallons-per day. 

Surface-Active Agents—Soaps and various syntheitc detergents 
even in very small concentration, remarkably lower the surface tension 
of water. For example, a very dilute soap solution has often a surface 
tension of less than 30 dynes per cm against 72 dynes per cm, the 
value for pure water. Such substances which are extraordinarily 
erful in depressing surface tension of water are called surface- 
ordinary soaps being good examples. These are also 
called capillary-active. It can be shown theoretically that the surface 
active agents have a higher concentration on the surface layer where 
they are probably oriented as shown in Fig. 107. These compounds 
are of great technical importance which is briefly discussed in the 


section to follow. 

Wetting, Emulsification, Detergency and Other Surface 
Phenomena—Surface-active agents as discussed in the previous 
section are employed though in small concentrations to perform some 


highly essential functions in many industrial processes, to name a few, 


wetting, spreading, penetration, ore floatation, emulsification, etc. 
Normally a duck floats on water but if the water contains a trace of 


a powerful surface-active agent, the duck will get wetted and may 
be drowned. For similar reasons a dycing bath must contain the 


pow 
active agents, 
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right type of suface-active agents to facilitate wetting, penetration 
and spreading, as otherwise uneven dyeing would result. Liquid 
drops on say, a metal surface tend to remain as isolated drops but 
spread into a thin layer if a trace of good wetting agent is added. 
Soldering flux also serves a similar purpose. The importance of 

i an ‘acetone-dry ice’ 
uid nitrogen though 
> because the former 


mixture would freeze mercury earlier than liq 
the latter is about 100°C lower in temperature. 
wets metals and the latter does not. 


Emulsifying power, wetting, deter 


gency, etc. are somehow con- 
nected with surface activity though the exact mechanism is not defini- 


tely known. In fact all phase-subdivision Processes such as emulsifica- 
tion, formation of spray, etc. and all phase-displacement processes such 
as wetting, floatation, cleaning, etc., are intimately connected with 
surface activity and adsorption at an interface, 


Molecular Sieves—The latest adsorbent is known as MOLE- 
CULAR SIEVES, which are highly porous synthetic zeolites, They 
are extremely powerful and selective, and are extensively usee 


nowadays for rigorous drying of gases and for separation of com- 
ponents by preferential absorption. 


gascous adsorption and 
ly. The commercially important 


$ earth, (b). Activated charcoal 
various types, (c) Silica geland (d) Activated alumina. ; TU eae} 


for refining petroleum 
s x k kee and vege- 
table oils. Activated charcoal is used for decolorising Sugar solutions, for rece 
for refining petroleum distillates and also in gas m 
are the separation of gases by fractional adsorp! 
matography, corrosion protection, etc. 


EXERCISES 


1. Deduce Langmuir’s adsorption equation and 
takes in the limiting conditions of very low and very high Pressures 

2. Distinguish between Physical Adsor tio: RAM M 
the latter also called activated adsorption? ult pend Chemisorption. Why is 

3. Give a short acco t of surface-acti SE 
adinduak. ccount of surface-active agents and their importance to 


4. Write notes on :—(q Deom 
Freundlich adsorption is (o) used water, (b) 


face orientati 
otherm, (d) phase-di sur on, (e) 
adsorption. (d) phase displacem 


ent process, and (e) exchange 


£ you would notice if 
tension of water gets tremendously increased ? by some means the surface 


` 


CHAPTER XXIV 
‘COLLOID CHEMISTRY 


Historical Introduction—Thomas Graham in his classical re- 
searches on liquid diffusion (1861) observed that some substances 
would diffuse quite rapidly in solution and could readily pass through 
animal and vegetable membranes, while there were others which 
failed to do so. To the former class belonged almost all inorganic 
acids, bases and salts and many organic compounds, e.g., urea, sugar, 
etc. Graham named them crystalloid since most of the members of 
this class could be readily obtained in the crystalline state. The other 
class of compounds which diffused rather very slowly and could not 
pass through the membranes, was named colloid k rom the Greek 
word kolla meaning glue, which was a typical member of this class, 
Further, this process of separation of crystalloids from colloids was 
termed dialysis. The colloid clas—Graham observed—comprised 
typical high molecular weight compounds, e.g., starch, gelatine, 
silicic acid, proteins, etc. ; he ascribed their inability towards diffusion 
to their high molecular weight and resulting large size and low osmotic 
pressure, 


Colloidal State of Matter—Graham’s work has got further exten- 
ded and his views modified in some essential ways. It was found that 
many insoluble compounds, for example heavye metal hydroxides 
and sulphides, silver halides, etc. could be kept apparently in homdgene-, 
ous solution without any tendency towards settling down. These 
solutions were also found to have very slow rate of diffusion like Gra- 
ham’s colloids, and so they were also called colloids, So the term 
colloidal solution clearly encompasses two different kinds of eee 
(2) one which forms directly “by dissolution in water of eh mo. lecular 
substances, such as gelatine, albumen, etc, later called hydrophilic 
colloids ; and (ii) another which_is formed from normaly eee 
substances (which may be crystalline) by some spenn ae ho Si e. 
gold sol, arsenius sulphide sol, AgCl sol, etc, being ce e ; ydroph jobic 
colloids. These findings evidently do not strictly co His o iem s 
classical view of colloids as being a class as oppose! 2 crystalloids, 
Even the same substance may be in true molecular solution in one 

Ivent and may be colloidally dispersed (i.e. present as assemblages 
ar at é number of molecules) in another solvent. For example, 
ec di 7 abe s (say. Na-oleate) are present in true molecular solu- 
tion it Sich but 4s colloidal solution in water. So we are warranted 


t the following conclusions. i 
eek of substances but they are only 


$ 3 ` 
k ee eae to which all substances could be transformed 
s 
with more or less ease, and 


fs 4 “4g in colloidal solution are much bigger 
rales CE eee ae solution but still not too big, such 


ordinary solutes in true si 1 
tna Ore sarhice forces car still keep them from settling out. 
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defined as a stable two-phase (heterogeneous) system consisting of 
finely divided particles (usually a solid) dispersed in a continuous 


selves are called the DISPERSE PHASE (or sometimes just the 
colloid) and the medium is called the DISPEERSION MEDIUM. 
gold (also called gold sol), gold is the disperse 
phase and water is dispersion medium 3 such systems are called 
HYDROSOLS or simply SOLS, for example, ferric hydroxide sol, 


silver iodide sol, etc. If alcohol is the dispersion medium it is called. 
ALCOSOL, and so on. 


1 à N 0 sk e various types of 
colloidal dispersions, of which sols (solid in liqui ) have received the 
greatest attention though recently aeroséls (liquid i 


receiving increasing theoretical and experimental Study due to their 


technical importance, such as hair spray, insecti 


Dispersion 
F Medium 
(Continuous phase) 


Disperse phase 


Liquid 


Smoke 
Dust-cloud 


Liquid Foam 


Solid Solid Foam 
Pumice stone — 


AEE 
Solid Suspension 
Some coloured glass 


Size of the Colloidal Particles—It would be interesting at this 


stage’ to compare the size of the colloidal Particles with ordinary 
molecules fri 


om the order of values given in the following table. 


Molecular diameter Colloidal particles Coarse suspension 
~ ——_. ee 
10-8 to 10-7 cm 1077 to_10-5 cm. 10-5 to 19-3 cm. 

mu to 1 mp 1 mu to 100 mp >100 mp 


i.e. 10A to 10008 


light and about two orders of ten bigger than th 
Perhaps the finest sol is Zsigmondy’s gold sol 
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about 1.6 my which is more than ten times the diameter of the hydro- 
gen molecule. [Imp (millimicron) =1 Nanometer=10A=10—4em]. 


2t05A (0.2 to 0.5 mp) 


Ordinary atoms 
10.3 A (1.03 mu) 


Gellobiose unit in cellulose 


Egg albumen 4 mu 
Cellulose oa 15 to 100 mz 
Colloidal particles oe About 2 to 100 mp 
Microscopic limit of visibility About 250 my 
Influenza virus oh 100 mp 
Tobacco mosaic virus 75 300 mp 
Wave length of visible light ae 400 to 800 my 
Bacilli +. - About 750 my 

est) About 7,500 mu 


Red Blood Cells 


Large Surface : The Basis of Colloidal Properties—It should 
be emphasised that colloids have large specific surface; in other words 
the surface to volume ratio is very high. All properties which we 
term colloidal are to be attributed to the peculiarities of the forces 
operating on the surface. The enormous surface of a colloid can 
be easily understood if we compare the surface area of 1 c.c. of a 
solid when it is in the form of a cube, with the surface area when 
the same cube is divided into smaller cubes of side 10-7 cm. (1 my) 
in length. In the former case, the surface area is 6 sq. cm. while in 
the latter case, the surface area is 6000 sq. meters (about one and 


a half acres). 
Dialysis—The process of separating a crystalloid from a colloid by 
means of diffusion through a membrane ts called dialysis. at colloids 


do ‘not passthrough parchment paper or other membranes, as already 


stated, was first observed by Graham and this property is 
still the simplest criterion for ascertaining the colloidal nature of a 


solution and is extensively used in the purification of colloids. The 
lyser, which in its simplest form consists 


apparatus used is called a dial 

of a parchment or collodion ‘pag half immersed in water. A com- 
mon form of dialyser is shown in the figure (Fig. 108)? It consists 
of a small bell-jar, B across the bottom ` 

of which is stretched a parchment 
paper P and the whole igfsuspended in 
water. The mixture containing a colloid 
and a crystalloid is putin the- dialyser 
and the outside water is repeatedly 
changed. Eventually, all the crystal- 
loids pass through the membrane into 
the water Sime and the colloidal 
solution is left inside in the pure state. 
Though parchment paper has been very 
extensively used as membranes for dia- 
lysis in all classical colloidal investiga- - 
tions, sacks made of collodion or trans- 


parent cellophane paper (regenerated 
cellulose) are now in great favour. Fig. 108—Dialyser 
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Electrodialysis—The thermal diffusion in dialysis is helped by 
the establishment of an electric current through the colloid compart- 
ment. The small ions migrate out and the colloid eventually becomes 
free of electroytes. This is called electrodialysis. This principle is 
recently being utilised in producing pure water from sea water 
(DESALINATION OF SEA WATER) on a large scale. 


Artificial kidney (Hemodialyser)—During the last decade or 
so, techniques of supplementing or replacing human kidneys by 
periodic dialysis of the blood stream has been developed and are in 
use at intervals of every few days by people with damaged kidneys. 
The blood stream is allowed to by-pass through the inner tube of two: 
concentric cellophane tubes, and water is passed through the annular 
space. The non-colloidal impurities in the blood are thus dialysed 
out, the dialyser thus functioning more or less like a real kidney. 


General Classification of Colloids—It is thus evident that al} 
colloidal solutions are dispersed systems t.e., one phase is dispersed 
inside another. The modern trend is to classify colloids into three 
general types depending on the nature disper: ase. This 
is shown diagrammatically below— 


COLLOIDS 
| | L 
DISPERSION ASSOCIATION MOLECULAR 
COLLOIDS COLLOIDS COLLOIDS 
e.g. gold sol, hydrated ferric e.g. soaps, dyes, surface-active or 
oxide sol, silicic acid sol, agents, etc. ` MACROMOLECULES. 
colloidal sulphur, etc. e.g. proteins, cellulosics, 
Occurrence of lyophobic ete, vee 
Mostly lyophbic ; ex- and lyophilic portions in the Predominantly 
ception : silicic acid sol. same molecule. lyophilic. 


DISPERSION COLLOIDSLit 


like gold, sulphur, heavy metal ‘hydroxides & sulphides, silver halides, 
etc. which are ordinarily insoluble in 

conditions could be mde to exist in ‘appa: 
tions. These solutions however, are col 
easily proved by two simple tests. Firs 


solutions have a very slow rate of diffusion through membranes, 
Secondly, they show “Tyndall phenomenon’ i.e. scatter li 


de Solution Tae yg suspension in a liquid medium, Tike 
true solutions, these systems are quite stable ; the disperse phase 
does not settle down even on lo ing. For evident reasons 
ae T called dispersion~colloids, but genera r 
Dophobic colloids (P. 364 > or simply sols. Alm, i i i 
Such as gold ah ferric hie ae sil Bid co oe esac 
type. pat R se ie aa 
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ASSOCIATION COLLOIDS—Some substances when dissolved in 


water tend to form molecular aggregates of colloidal dimension owing 
to‘establishment of a revese cic ea between-these-aggregates of 
molecules, called MICELLES, and the single molecules or ions. Thus, 
when a Soap say, sodium palmitate is dissolved in water it dissociates 
into Na+ and palmitate ions.But the palmitate ions, due to their 
strong cohesion, form groups of such ions which may become of colloi- 
dal dimension. Such aggregates of ions which of course may contain 
“a few undissociated molecules are called MICELLES and the colloidal 
properties of soap solutions are due to the presence of these micelles. 
Such colloidal solutions are called association colloids. 
.The soap micelles are however, good conductors of electricity due to their ionic 
nature. Soap solutions arc-thereforefairly strong electrolytes with colloidal pro- 
erties and so, are sometimes also called COLLOIDAL ELECTROLYTES. This 


perties an ELE s 
name however is not much favoured because many association colloids are non- 


electrolytes. The essential criterion is the existence of a reversible equilibrium betwcen 
the micelles and the primary units. Dyes, detergents and many surface-active agents. 
fall in this class. 
MOLECULAR COLLOIDS—There is another class of colloids, 
called Molecular colloids or Jntrinsic colloids where the molecules 
enough to be of colloidal dimension and hence 


themselves are bi 2 d 
show colloidal properties. Proteins such as albumen, gelatin, etc., 


polysaccharides and t efr derivatives, e.g., strach, cellulose and“ its 


esters, etc., and other high polymers, belong’to this class as their 


cts see 1 1 
cone have been obtained in the crystalline state and 


non-living matter, e : 
their locals size and weight have been measured. For example, 
tobacco mosaic virus, whose molécules are 300 my long and 15 my 


i i nd have molecular weight in the range of 50 millions 
fas tee ad in the crystalline state. Thus, the old idea of 
colloids being non-crystalline has been completely blasted by later 


experimental findings. 


Why Colloids do not settle down on standing?—The main 


i d by the-small size 
i the Brownian. movement cause small 
A which prevents the individual 


i icles (vide P. ve 
Seas eee pees ae the small P ou Corea 
into bigger particles and the latter might Ber ike A is does no 
normally happen because of the following two factors : 

causes the particles to repel each 
jarticles. This factor is very 


i phobic sols. = s 
PE ji fant for yoghan Be where the solvent sheath prevents the particle 
(ii) Solvation of the pares his is A very important—lactor towards the stabi- 


from coalescing with each z È 
À ilic colloids, such as gelatine, gums ¢ 


(water-loving)- 
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Classification of Colloids on the Basis of Solvent Affinity— 
Sols are frequently subdivided into two classes: (i) Lyophobic (Sol- 
veni-hating) and (it) Lyophilic (Solvent-loving). 

The bophobic colloids include those sols which may be ag Sag 
as, simple nsions—so sometimes called suspensoids—and ec, 
there is no perceptible affinity between the dispersed phase and the 
dis Salo amecicaan alas olde aves sol, arsenic sulphide sol, etc. 
These sols are sometimes called irreversible sols, for once precipitated 
out, it is not generally easy to get it back in the colloidal state. 


Ljophilic or reversible colloids include gelatine, gum-arabic, soaps, 
etc. all of which have a marked affinity for water. No special methods 
are necessary for their preparation, only the treatment of the solid 
with the solvent at a suitable temperature being sufficient. 
These colloidal particles are so highly solvated that very often such 


colloidal solutions are optically dear under the ultramicroscope. This 


type of colloids is also called emulsoids, and also intrinsic colloids. Asso- 
ciation colloids-and molecular colloids (P. 363)~bélong to this class. 


So, the basic distinction is that the lyophilic colloids, as the name 
signifies, is stabilized by strong solvation, whereas the lyophobic 


colloids are stabilised by electric charge. 


It is to be noted that water is the dispersion medium in most 
cases and so we shall mainly talk about hydrophilic and hydrophobic 
colloids. Among these two types, hydrophobic colloids though 
possessing very distinct properties have their importance mostly 
limited to inorganic analysis and preparations, whereas lyophilic 


colloids include biologically important polymers (proteins enzymes, 
nucleic acids and the like) essential to the life process and so the latter 
receive intense study on their own right apart from as colloids. 


Lyopuosic Cottoips 
(Suspensoids) + 
1. Mostly inorganic materials : metals, 
sulphides, oxides, etc. 


2. Well-defined under a microscope 
or an ultra-microscope. 
3. Easily coagulated by electrolytes. 


4. Undergo irreversible coagulation. 
5. Viscosity same as the solvent 
(usually water), 
6. Do not gelatinise readily and are 
very unstable on reversal of charge. 
~T. Density, refractive index, etc. fol- 
Í low the law of mixtures. 


. Prepared by indirect methods. 


Jo Stabilised mainly by charge on the | 


surface 


. Gelatinise rapidly and have 


Lyornic CoLLoms x 
(Emulsoids) 


- Mostly organic materials (or of 


organic origin): starch, proteins, 
gums, high polymers, etc. 


. Invisible under a microscope, or 


an ultramicroseope. 


. Very stable, not easily coagulated. 


Coagulated by adding hygroscopic 
substances e.g. alcohol, acetone, etc. 
or sometimes by cooling. 

Coagulation is reversible. 

Much viscous than water. 


. . . an 
iso-electric point. 


. Physical properties do not follow 


the Jaw of mixtures. 


- Usually prepared by a simple solu- 


tion process, 


as protective action on lyophobic 
colloids. i he 


- Stabilsed mainly by forces of solva- 


tion 
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It should be emphasised that istincti 
classes is not sharp. epee eae bre eE ne two, 
not well-defined under the microscope, whereas a EASE R. 
colloid is rather sensitive to small quantities of some HANES | ead 
aration of Colloidal Solutions—Some organic subst 
starch, soaps, dyestuffs, etc. form colloidal solutinnseby 
b $ dissolved in water. In some cases, 6g., mastic, g zu 
oge, palmitic acid, sulphur, etc., an alcoholic solution of tho ibe 
d in warm or boiling water and the alcohol is need 
her coarse colloidal solution. 


Prep: 
ega gelatine, 
being simply 


the agglomeration of substances dispersed in the molecul 

(for example, fog t isi k formation aE 

cloud chamber) ; and (it) Disintegration method, in which the b 

stance in bulk is pee 

articles of colloidal size. 

/ described below, all by con 
(a) ARsENIOUS SutpHipE Sor—Throu h an aque i 

(a saturated solution diluted with 3 to dale. MRa 

passed a slow stream of sulphuretted hydrogen. The arsenious 

sulphide formed remains in the colloidal state giving the whole solu- 

tona transparent yellow colour. The dissolved H,S is expelled by 


bubbling hydrogen the warm sol. The sol thus obtained, 
is very pure and is suitable for class-room demonstration of coagula- 


tion and other properties © 
xpe SoL—To vigorously boiling distilled water. 
a freshly prepared saturated solution of Pete 
boiling water, the FeCl, suffers 


chloride. As each drop falls in the 

hydrolysis forming 2 beautiful deep red sol. The sol obtained is 
rapidly dialysed in a parchment or cellophane bag against warm water 
to free it from the HCl and undecomposed FeCl. For best results 
12 c.c. of 32% ferric chloride is to 750 c.c. of boiling water 


(c) Sorc Ac 
jally known as water glass_or soluble glass, made to a sp. 
i ~ .°(4N) of HCl with constant stirring 
The mixture is diluted to more than 
r a few days against running water 


is 


To prepare 

trated solution of the silicate and 

for a longer time WAY, 

solution of sodium silicate is aci 

and set aside, the whole thing Se 
d) COLLOIDAL SULPHUR (Oden’s method)—A_ strong solution of 

sodium thiosulphate (3N) is added drop by drop to conc. pui 
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acid. The solution on cooling deposits sulphur, which is washed with 
water. This mass of sulphur dissolves completely in water to give a 
clear colloidal solution which may be purified by dialysis or by re- 
precipitating with sodium choride, washing and redispersing in water. 
(e) Zstemonpy’s Goro Sor—This is prepared by the reduction 
of gold chloride with formaldehyde, tannic acid, glucose, hydrazine, 
etc. To 120 c.c. of redistilled water containing 15 mg. of gold hydro- 
chloride (HAuCl,,3H,O) and 37 mg. of pure K,CO,, is added 0.5 
c.c. of a dilute ethereal solution of ‘phosphorus. A bright red 
resluts. On adding electrolytes the red colour chan 
to an increase in the size of the colloidal particles. 


(f) Cotroman Merats : Brepie’s MerrHop—Bredig’s method of 
preparation of colloidal metals: consists of establishing 


torn off and fine particles of metal remain Suspended in the liquid 


PROPERTIES OF COLLOIDAL SOLUTIONS 
General Properties. (a) Colour—The 


(b) Shape of Colloidal Particles—The tw. 
fication as to the shape of the dispersed colloidal Particles are globular 


palmitic acid, etc. assume a beautiful silky appearance 
is stirred, and this has been found to be due to the as 
(rod or disc-like) of the colloidal particles, 

It is of interest to note that those roteins which form s 

tissues of animal body are of the ER a actaral 
stiff long molecules (for example, collagen of skin and b 
` muscle, keratin of hair, nail, etc) 

have globular particles. This is in confo 
tods and threads are suitable as bui 
circulation as tending to clog the capi clotting of blood 
the protein fibrinogen is transformed into long fibrous 


| 
i 
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(c) Density—The density of lyophobic sols is of no parrticular 
interest since it usually follows the law of mixtures. But the lyophilic 
colloids, such as gelatine, glue, etc. interact strongly with water so 
that there is an overall contraction in volume ; so, the density is 
not a priori calculable. For example, a colloidal solution contain- 
ing 10 gms. of gelatine in 100 c.c. of water occupies only a volume 
of 96.07 c.c. ` 


(d) Osmotic Pressure and Molecular Weight—The osmotic 
pressure of a colloidal solution is very small and the experimental 
determination for yophobic colloids is not possible due to the diff- 
culties encountered to completely free this type of colloidal solutions 
from the last traces of electrolytes. The presence of a trace electro- 
lyte so much modifies the value of the osmotic pressure that the effect 


-due to the colloid may even remain completely masked. The osmotic 


pressures of some lyophilic colloids particularly molecular colloids, 
e.g. proteins, cellulose and its derivatives, rubbers, high polymers, 
viruses, etc. have been determined with some degree of certainty. In 
fact, this is one of the best methods of obtaining reliable values of 
the molecular weights of such colloids (vide P. 181). 


Optical Properties. (a) Tyndall Phenomenon—If a streak 
of bright light is passed through a dark room, the dust particles in the 
path of the light become clearly visible, due to the scattering of light 
from their surface. Since loyphobic colloids are essentially hetero- 
geneous systems, the same principle may be applied to observe the 
colloidal particles. (If a colloidal solution whose particle size is so 
small as not to be detectable under a microscope (below about 0.2), 
is placed under the instrument against a dark background and a strong 
Pea of light is passed at right angles to the line of view, the field 
becomes at once filled with coloured = ~ 
specks of light due to the scattered 
light from the colloidal particles. 
The individual particles, which 
were otherwise ‘invisible, could be 
thus observed and counted. The 
above phenomenon is known as 
Tyndall effect and the apparatus for 
viewing the colloidal particles, uti- 
lising the above principle of dark 
background illumination, is called Fig. 109—Principle of ultramicroscope. 
ULTRA-MICROSCOPE (Fig. i 
109), first constructed and used by Zsigmondy (1902). Its limit of 


resolution is about 6my i.e. 60A. 


It is to be noted that only lyophobic sols show Tyndall effect 
but not the hydrophilic colloids to any marked extent. The reason 


is that in the latter case the refractive index is almost _the_ 

the hydrated colloidal units and water ; in other words, there is no 
marked optical discontinuity at the interface and consequently little 
scattering of light is done by the hydrophilic colloids. 
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Oe ere eS 
= rve at pollen i 

aie a iama bse ease a__ ceaseless random 
motion. ‘The cause of this motion 
was first suspected to be mecha- 
nical vibration or convection cur- 
rent. But painstaking resecarches 
have shown that this motion per- 
sists even when confined for years 
in underground cellars. It has 
been found that this random 
zigzag motion is executed by 
all colloidal particles, including 
colloidal particles suspended in 
a gaseous medium, independent 
of their nature, smaller parti- 
cles executing a more rapid and 
brisk motion than the larger 
ones. This ceaseless zigzag 
motion of the colloidal particles 
i called Brownian motion 
Fig. 110—Brownian motion. ‘after the name of the discoverer. 
This completely erratic, zigzag movement is described by Perrin as 
‘they go and come, stop, start again, mount, descent, remount again, 
without in the least tending towards immobility”. Fig. 110 is a 
graphical representation of the Brownian motion of two colloidal 
particles, the position of each particle being continuously located by 
a microscope after a constant small interval of time. 


The true cause of the phenomenon was first suggested by Wiener 
(1863), as being due to the unbalanced impacts of the liquid molecules 
on the colloidal particle. The colloidal units are constantly hit from 
all sides by the surrounding solvent molecules and are tosse 
like a ship in a stormy sea. In fact, the Brownian move 
direct demonstration of the ceaseless motion of molecule: 
by the kinetic theory. 


d up just 
ment is a 
s postulated 


A simple calculation shows this to be true. Colloidal Particles _ 
are roughly 10° times larger in diameter than, say, an oxygen molecule 
and therefore have a mass about 10° times (cube of 108). Therefore 
if such a colloidal particle has the same kinetic energy as a gas mole- 
cule its speed would be 1/4/10° times. Now, an oxygen molecule has 
a speed of the order of 5x 104 cm. per sec. (P. 13 


) and os a colloi 
particle of average size would have speed of the order of 5 x II 


i.e. a few cm. per sec., which is just quite suitable for visual obserya- 
tion as a brisk motion. 


Electrical Properties. (a) Electric Charge of Colloį 
Cataphoresis—Colloidal particles (both lyophobic and A E 
electrically charged. So, the colloidal units move i eal 
field either towards the cathode or towards the anode depending on 
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whether they are positively or negatively charged (see Table). The 
speed is in the region of one micron (one-thousandth of a mm) per’ 
second per unit potential gradient (about five times slower than ordi-- 
nary ions). This phenomenon-of movement of a colloid in an electri- 
cal field is known as CATAPHORESIS or hy the wider term electro- 
jhoresis. Theoretically, it is simpler to treat all the phenomena relat- 
ing to eletrophoresis with reference to a potential difference existing 
between the surface of the colloid and its neighbouring solution. 
This potential is called ZETA POTENTIAL and its value is about 
50 millivolts. 
——————SSS SE 


Positively charged Nagatively charged 


The hydroxides, e.g. The metals, e.g. Au, Pt, etc. 
Fe(OH);, Al(OH);, Cr(OH),, etc. Sulphur, the Sulphides, e.g. As.S;, etc. 


Silicic acid, Vanadium pentoxide. 
Proteins in acid solution Organic colloids, e.g. starch, gum ara- 
bic, gelatine, ctc. 
Basic dyes Acid dyes. 


Lyophilic colloids particularly proteins, such as albumen, globu- 
lin, gelatine, etc. due to their_ampholytic character are positively 
charged-in-strongly—acid solution and negatively charged 1 alkaline i 
solution ; for any colloid of this type there is a concentration of hydro- 
gen ion at which it moves neither to the cathode nor to the anode. 
This concentration of H+ ion (or, pH) is called the ISOELECTRIC: 
POINT of the colloid, and usually covers a small range of fH. The 
isoelectric point of hemoglobin from various sources lies in the pH. 
range 4.3 to 5.3 and that of gelatin round pH 4.7. 


rigin of charge of Lyophobic Colloids—The charge on colloidal parti- 

cles arises through ionization of groups present on the surface. These groups may 
belong either to the colloid itself or to some electrolytes P resent on the surface to 

stabilize the colloid against coagulation. Thus ferric hydroxide particles are posi- 

us medium. 


tive, Pecans ou Tation; some of the OH- ions go inte the aquco: 
Silicic acid’sols are negatively char ause the acid itselfionizes giving hydrogen 


ions into the water medium, The sulphide sols are stabilized by some thio-acids 
say, H,S, and the H+ ions dissociate out to give a negative charge to the sulphide 
particles. Metals are similarly protected by some acids (or salts) and the H* ions 
(cations in the case of salts) dissociate out into the medium. j 

(b) Coagulation of Lyophobic Colloids—If a small amount of 
an electrolyte is added to a lyophobic colloidal solution, it is observed 
that the sol gradually gets turbid and ultimately the dispersed phase 
separates out as a flaky precipitate. This phenomenon is called 
coagulation or precipitation of a colloid, and the solid which separates 
out under such condition is called the coagulum. As observed under: 
the microscope or ultramicroscope, coagulation consists simply of the 
aggregation of the smaller particles into large ones, which are big 
enough to settle down. The silting of river mouth and delta forma-. 
tion are caused by large-scale coagulation by salty sea-water of river: 
water containing clay colloids protected by organic matter. 


The coagulating power of different electrolytes is not the same.. 
It is almost solely determined by the valency, t.e., the electric charge- 


24 
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ion having a charge opposite to that of the colloid. It may be 
e aa the table that for @oagulating the positively charged 


ferric hydroxide sol_the divalent sulphate ions are about 50 times 
$$$ 


Ferric Hydroxide sol. Arsenious Sulphide sol. 
Coagulating ai a Coagulating 
trati ectrolyte concentration 
FRERES mil moles : mili moles 
per litre per litre 
it a 9.25 NaCl ich 51 
RI dp 9.64 KNO, t 50 
KNO; sTo }K,SÒ; 4." 6515 
SO, aaa 0.204 - | MgCl, cg 0.72 
| Mes l 0.217 || MgSO, r 
à BaCl 0.69 
AICI, LA 0.093 
AI(NO3); eee 0.095 
tAl, (SOx) oe 0.096 


more powerful than the monovalent chloride or nitrate ions ; and 
similarly also for the negatively charged arsenious sulphide sol a 
higher positive valency is a more effective coagulant. This fact was 
observed by various workers and is referred to as the COAGULATION 


RULE (also calle = which may be stated thus— 
The coagulating power of an electrolyte depends predominanily 
of the ton bearing a c 


l d y on the valency 
harge opposite to that of the colloidal particle. oa 


“The mechanism of coagulation of lyophobic colloids appears to 


be a neutralisation of the protective charge of the colloids by the 
oppositely charged ions of the a ded electrolyte, and subsequent 
agglomeration of the particles. This seems more pl 


ausible fi 
-experimentally observed fact that b i eco rane 


: mixing up two colloid. 
‘solutions, which are oppositely charged, both of the p olloidal 


m get 
‘This is known as ‘mutual coagulation of colloids’. Set “coagulated. 


(c) Protective Action of Lyophilic Colliods—Lyophilic col- 
Joids are not only themselves highly stable but when added toa 
lyophobic sol impart stability to the latter, making the latter much 
less Sensitive to coagulation by electrolytes, Ir = 


ee x te: n extreme cases such 
stabilisation makes it possible for the stabilised colloid to be dried and 


ei perae Ere ARRI. plate i a good Pama of protective action, 
where lyophobic silvi mide is protecte lyophilic gelatine, 
Sail oao example where the clay partic estate “protecied by 
the humic acid colloid present in the soil. The protective action 
can be sometimes so strong that the medicinal’ product, collargol is 
able to contain as high as 70% colloidal silver. The easier digestibility 
of ass’s milk as compared to cow’s milk is due to the former being more 
strongly protected from coagulation. Gelatine and carboxy methyl 


callulose are used as protective colloids in ice cream to prevent forma- 
tion of coarse ice crystals. 


The protective power of hydrophilic colloids differs widely among 


ee ge ee ne ee a ee ee ae eee ee ee le 
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themselves, and this is made the basis of a quantitative determination 
of protective power by gold number. Gold number is defined as the 
Least weight in milligrams of the hydrophilic colloid which is just capable 
of preventing a change in colour (red to violet) of 10 c.c of a standard gold 


sol (0.0053—0.0058%) by addition of one c.c. of ten per cent sodium chloride 
solution. Some representative data ,————-——________ 


are given in the table, where it would Sanistance | Gold number 
be observed that the protein gelatin - - 

has a much lower gold number (i.e. Dent Ee 
higher protective action) than the | areh abie 0.100.15 
non-proteins. Gold number has | Gelatin 0.005—0.0125 


diagnostic value in medicine because > = 
in some diseases_of the nervo tem the c inal fluid shows 
characteristic change in i ; j 


ULTRAFILTRATION—À colloidal solution easily passes through an ordinary filter 
paper, since, its pores are not small enough to retain the colloidal particles. However 
a properly supported qeembrans iof ey ladinn or hardened gelatine can,retain the 
colloidal particles. Membrances of different pore size can be made by varying the 
‘concentration of the collodion. The process of filtration of a colloid through such 
membranes is called ultrafiltration and collodion filters of different pore-sizes are 
‘known as graded Jillters. 


Emulsions—If the dispersed phase is a liquid, the colloid thus 
formed, is known as an emulsion. So, _ 
we may define an emulsion as a system 
containing two liquid phases one of 
which is dispersed as globules in an- 
other. The most common example of 
emulsion is milk, which is simply fine 
Particles of fat suspended in an aque- 
ous medium with the help of casein as 
emulsifier (Fig. 111); this type of 
emulsion is known as oil-in-water type. 
Butter on the contary, is an emulsion 
“of the opposite type (water-in-oil), where z 5 
fine particles of water are disseminated Fig. 111—Milk as scen) 
in a medium of fat. under a microscope. 

The shaking of an oil with water docs not necessarily make an emulsion ; the 


i i le. Itis necessar 
<il and water soon separate into two layers when allowed to sett! ne y 
for the stability of an emulsion to add an emulsifier or stabiliser. The alkali metal 
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acacia, gum tragacanth, etc., are good stabiliser for emulsion ofthe oil- 

HA face heras heavy metal soaps are emulsifiers of the opposite, type. The 

harmaceutical emulsions, such as cod-liver oil emulsion, Angier’s emulsion, etc., 

ae of the oil-in water type, in which various substances, e.g. egg-yolk, casein, gums 

Trish-moss, saponin, etc., have been added as emulsifiers. Most emulsions however- 

are rather coarse suspensions, the average diameter of the fine globules being generally 
a few hundred Angstroms but usually the globules are much bigger. 

Gels—Sols of gelatine and agar on cooling set to a coherent - 
jelly-like mass, and to this is applied the term gel. Tn spite of the 
percentage of the dispersed phase being ve small, the gels produced 
possess some of the properties of solids. A less than 2 per cent agar- 
agar solution when cooled sets to a rather stiff gel. So by the term gel 
may be understood “transparent or opalescent masses containing a large 
percentage of liquid which retain their shape, offer some resistance to “mechanical 
deformation and shows no microscopic structure,” 

Gels are generally divided into ‘elastic’ and ‘rigid’ gels. Gels of 
gelatine, agar, etc. belong’ to the i 


c ng’ former class, while silici 
and most inorganic Precipitates fall under 


For some dilute gels, th 
separation of some of th 
The structure of the gels is still a 


is called ‘syneresis?. 
l matter of controversy but it is usually assumed 
thatit is a two-phase fibyilla network structure of the solid phase, dis i i 
phase. It should, however, i that the term gel f 


the latter category. 


be pointed out eee que, 
inted ou = 5 

applies to a variety ofsubstances, which may m gel, itself is indehnite an 
~ Importance of the Study of Q 


; 5 % g c ulture as also- 
in many industries such as tanning, dyeing, manufacture of paints, 
photographic plates, lubricati 


substances treated are: 
al nature and a knowledge of this science- 
processes., The art has 


light, between chemist 
reveal Himself’, 


colloid science holds the key to 


EXERCISES 


1. What is Graham’s definitio 
ideas have been modified ? 


2. Write short notes on i:—(a) Dialysis, (6 Ultrami 
(d) Cites: (e) satiety} xf ynah phenomenon, Cy 3 $ 
ment. so-electric point and (i ohilic and 1 i bi 
towards coagulants. BB Sa yophobic colloids, a 


3. What is dialysis? D 


escribe what ha; 
(a) milk, (b) blood plasma, ( Pes When th 


e followin; 
Be ©) supernatant liquid of bo; y 
solution of sodium silicate? Boiled rice 


n of a colloid? In what important Tespect his: 


) Peptisation,. 
rownian move-- 
nd their stability- 


g are dialysed :—- 
and (d) acidificdi 


PART VI 
STRUCTURE OF MATTER 


“*.. . The cardinal sin of classical physics was the habit of regarding 
«atoms and molecules as tiny billiard balls? 


K. Mendelssohn 
in “Turning Points in Physics” 
“Probability enters Physics” 


CHAPTER XXV 
ATOMIC THEORY AND ATOMIC WEIGHTS 
(i) PRE-ELECTRON ERA 


Dalton’s Atomic Theory—Towards the beginning of the last 
‘century (1808) John Dalton propounded his celebrated atomic theory, 
according to which substances are composed of an immense number 
of exceedingly small particles which are themselves indivisible by any 
‘chemical process. These small particles are called atoms, and che- 
mical union is merely a juxtaposition (i.e. placing side by side) of 
atoms. 

The vast mass of chemical facts including the law of conservation 
of matter and the laws of stoichiometry, viz. laws of constant, reci- 
procal and multiple proportions, and similar other hitherto observed 
regularities, received an able explanation in the light of this theory. 

The atomic concept of matter was no new idea ; it was freely 
used in the writings of earlier Greek and Indian philosophers. Boyle 
(1661), Newton (1730), and others, also tacitly assumed the atomic 
nature of matter and two Irish chemists, Higgins (1789) by name 
got so close as to suggest that chemical combination was really union 
between atoms but made the wrong assumption that the atoms of 
all substances were equal in weight. 


Atomic Weights—Just after the publication of atomic theory, 
there followed a busy period in which chemists were engaged in 
determining the relative atomic weights of the different elements, the 
weight of the hydrogen atom being taken as standard which was later 
changed to the oxygen atom (O=16) for practical reasons. As there 
‘was no rational method of knowing the chemical formula of a com- 
pound, much confusion arose and different systems were in use and 
the whole situation was in a hopeless confusion until Avogadro 
clarified the distinction between atoms and molecules and pro- 
pounded his celebrated hypothesis. The situation however continued 
to remain somewhat confused until in as late as 1858 Cannizzaro 
Pointed out -how the Avogadro’s hypothesis might be utilised for the 
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determination of atomic weights on an unambiguous basis. It be- 


came then possible to draw up atomic weight tables on sound theore- 


tical basis which was unanimously admitted and extensively used by 


chemists in general. 


Equivalent weight x Valency=Atomic Weight 


or in other words, the atomic weight is an exact multiple of the equiva- 
lent weight. , 


ate value. During the 
» the following methods 


were taken recourse to, ccurate or approximate 


atomic weight values, 


(a) Volumetric Method of Avogadro. 
(b) Law of Dulong and Petit (1819). 


(c) Law of Tsomorphism of Mitscherlich (1820). 
(4) Periodic Table (1869), 


(2) Volumetric Method of Avogadro—Thj t eae 
Avogadro’s hypothesis (P, 13) for determinat ss method utilises 
of an element, if gaseous, or of its 
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measurements. From such molecular weight values it is an easy 
step to determine the atomic weight. 


(b) Dulong and Petit’s Law—Another method for- the deter- 
mination of a rough value of the atomic weight is the approximate 
relation discovered by Dulong and Petit (vide P. 61). For solid 
elements, Dulong and Petit state that 


Specific heat x Atomic weight=6.4 (approx.) 


It is a really striking fact that though the atomic weight values 
range from 7 (lithium) to 238 (uranium), their products with their 
respective specific heats always come down to a value as low as 6. 


From the above relation, the atomic weight of any solid element 
is approximately known from a measurement of its specific heat. The 
equivalent weight is accurately determined experimentally and is 
multiplied by some integer (valency) which gives a value closest to 
the approximate value thus determined by the Dulong and Petit’s 
law. An example is shown below :— : 


Exampte 1. The oxide of a metal contains 21.42 per cent oxygen. The specific heat of 
the metal is 0.109. Find the atomic weight of the metal. 


Equival ight= WE of oxygen _ 78.58 =29. 

quivalent weight= pf metal Xx 8 Ig * 8=29.34 

From Dulong and Petit’s law, approx. atomic weight = i 758-77 
Valency=2PPtOX. at Wt: S87 =2 (since valency is a whole number). 


eq. wt 29.34 
Truc atomic weight=eq. wt. X valency =29.34 x 2=58.68. 


For further discussion on Dulong and Petits Law consult the 
chapter on the properties of solids (P.61). 


(c) Mitscherlich’s Law of Isomorphism—Mitscherlich’s law of 
isomorphism, which has been already discussed in great details om 
P. 62, had been extremely useful in correct determination of atomic. 
weight during the historical period of atomic weight determination. 
If one clement replaces another in a compound without changing 
the crystalline form, the law of isomorphism asserts that the element 
has been replaced atom for atom. Therefore, the replacing quanti- 
ties of these two elements are to one anoter as the ratio of their atomic weights 
and so, if one of the elements be of known atomic weight, the atomic 
weight of the other can be calculated. j 


Aluminium oxide, ferric oxide and chromic oxide are isomor- 
phous since the above minerals have the same crystalline form and 
are also found together as mixed crystals. If the atomic weight of 
any one of these elements is known, the atomic weights of the other 
two can be easily calculated from an analysis of their oxides. 


N: B. The student should note that if two elements A and B form two isomor- 
phous compounds, the percentage of A : percentage of B is not equal to the ratio 
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i io i i lacing 
i i hts ; the latter ratio is only equal to the ratio of the rep 
Santi SoA Mi Ge ewan Ae : the weightofBin a molecule. 


EXAMPLE 2. Potassium selenate is isomorphours with potassium sulphate and contains 
35.77 per cent selenium. . Calculate the atomic weight of selenium. 


Potassium sclenate is isomorphous with potassium sulphate (K.SO,) and so has 
got the formula K,ScO,. 


Molecular weight of potassium selenate=2 xK+Se+4xoO 
=2 x 39,095 +Se+4x 16=142.19-+Se 


Therefore, the Percentage of selenium = 


Se = 
Taz194Se Xx 100=35.77 


Se k 
mig pSe * 100=35.77 


35.77 x 142.2 
Se= 64.03 =79.16 
Hence, the atomic weight of selenium is 79.16. 


[For cases where the chemical formula is unknown, vide Example 5, P. 382] 


(d) Periodic Table—The periodic table 
see P. 380) may sometimes give a clue to th 


the atomic weight. For example, indium w. 
its oxide to have an 


(for a brief discussion, 
© approximate value of 
as found by analysis of 
3 so its atomic 


‘group elements, it was to be placed in Gr, 
available vacant Space in group III was between cadmium (atomic 
weight—I12) and tin (atomic weight—118), So, the atomic weight 
of indium should lie between the: 


Se two values. Therefore the true 
atomic weight should he 37.9 3=113.7 and not 75.8 (37.9 x2) 
which was the then accepted value. The atomic weight of beryllium 
was also corrected from similar considerations, 


(it) POST-ELECTRON ERA 


The foregiong account of electron era shows 
an overwhelming bias towards chemical methods. Powerful physi- 
cal methods have however been developed in this century and two 
of them are described below. ‘ 


methods used in pre- 


Determination of Atomic Weight by Ph: sical Methods. 
“Mass Spectrographic Method— Physicist k mA 


precision instrument by 
The present-day apparatus has an 
10,¢ quires a very sm 
the substance, say, a milligram or s 


l o. With ‘the re 
growth of nuclear chemistry and the u i 


accurac 
all quantity of 
cent spectacular 
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of mass number of organic compounds and also of their decompesi- 
tion products with a view to know their structure. 
the method is rather simple. The substance 
under electric discharge of very high voltage and under high 
vacuum forms gaseous positive ions which move towards the 
cathode and fly past the cathode 
P if the latter is perforated. These 
ions which are charged atoms or 
groups of atoms are passed 
through electric and magnetic 
fields in such a way that all ions 
of thesame charge : mass ratio 
(elm), irrespective of their velo- 
city, are focussed on one line on 
a photographic strip, P placed to 
receive them (Fig. 112). From 
the position and intensity of the 
L blackened line on the photogra- 
Fig. 112—Mass Spectrograph (Schemiatic) phic strip or by using suitable 
electric detectors in place of the 
nd the relative abundance of the 


The principle of 


photostrip, the atomic mass a 
corresponding atomic species in the original 
sample are calculated. The method is so 
precise that the oxygen isotope sO" (atomic 
mass 17.0045) can be distinguished from the 
OH- ion (17.008), or doubly charged helium 
can be distinguished from singly charged heavy 
hydrogen. Fig. 113 shows schematically the 
mass spectra of argon and krypton. 


(b) X-ray Method—By the use of X-rays Fig. 113—Mass_ spectra 
it is oaii vn determine the volume of the of Argon and Krypton 
smallest unit whose continuation in space builds the actual crystal. 
This smallest unit of the crystal, also called unit cell of the crystal 
lattice (P.66), usually contains a small number, say one, two, four, etc., 
of atoms or molecules. From density data we can calculate the weight 
of the unit lattice which divided by the actual number of atoms in 
unit lattice of an element gives the absolute weight of the atom from 
which atomic weight on the C22 scale can be easily calculated. 


Chemists’ and Physicists’ Se 


earlier period when nothing was known a i 
RA quite logically chose O=16 te. ordinary oxygen=16 as 


their standard. Physicists however demonstrated with, the Pop as 
mass spectrograph that ordinary oxygen i nok e ney iome See 
but is composed of three types of atoms, the three isotop pr E 
‘O16, O17 and O'8, the heavie? y qua 

titie ince t phy 
the a eee aes the hysicists quite 
most abundant isotope ™ 


ale of Atomic Weight—In the 
wn about the structure of atoms, 
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had assigned O8 =16 and they reckoned the atomic weights of alk 
atoms against this standard. Thus two scales, viz. the chemists, and 
the physicists’ came into existence, the relationship being 

1 unit (Chemical scale) =1.000272 units (Physical scale) 


It should be noted that any chemical method gives the average 
atomic weight of any sample irrespective of the isotopic complexity, 
whereas physicists are generally concerned with the atomic weight of 
each isotope separately. 


To eliminate the”confusion arising out of the existence of two 
atomic weight scales, an unified scale based on G!2=12 has been lately 
(1961) introduced. Masses of atoms and nuclides are now being 
universally expressed in this scale. 


PERIODIC TABLE (PRE-ELECTRON ERA) 


Background—After the atomic theory was propounded, chemical 
facts accumulated at a very rapid rate and many chemists felt the 
need for some kind of classification and systematization of the pro- 
perties of different elements and their compounds. The problem 
was to choose a property which would lead to the most fruitful 
classification, Newlands (1865) was the first to choose atomic weight 
as the property and attempted a classification on it. The result was 
the so-called Newland’s Law of Octaves, t.e. the property of the 
eighth element is akin to that of the first. The idea was ridiculed to 
the extent that somebody sarcastically asked him to attempt a classi- 
fication based on alphabetical order of the names of elements. Long 
before, Déberiner (1829) had noticed triads of elements having similar 
properties. Lothar Meyer (1868) in Germany, noticed that atomic 
volume changed periodically with atomic weight. But the most 


rational and fruitful classification came from the Russian Chemist 


Mendeleeff (1869) in the shape of the periodic table, and he pro- 
ceeded even to predict the existence and properties of some hitherto: 
unknown elements on the basis of vacant spaces in his table. These 
elements were not long to remain undiscovered and this contributed 
in a large measure to the universal acceptance of Mendeleeff’s periodic 
table. 

Periodic Law and the Periodic Table—In 1869 Mendeleeft 
stated the Periodic Law which forms the basis for the modern classi- 
fication of the elements known as the periodic table. The Periodic 
law may be enunciated as follows: “The physical and chemical pro- 
perties of the elements and their compounds are periodic functions of their atomic 


weights” or “if the elements are arranged in order of increasing atomic weights, 


their properties vary in a definite manner from member to member of the series, but 


return more or less nearly to the same value at certain fixed por 


iodic table drawn up b Mendeleeff on the basis of this 
RA etna ee for the still undiscovered 
elements, which have now been mostly filled up., The modern table 
based on the Mendeleeff’s original one 1s shown in the accompanying 
diagram (Fig. 114). Attempts to improve upon Mendeleeff’s table by 


‘nts in the series”. 
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i t, helix 

i l type of arrangement e.g. spiral arrangemen "i i 
Se eve ele have often been made but nee s eae aay 

r i ituti landamark in the progress of the Š 
stands unique as constituting a i a 

istry. However, a long or extended from co i 

A called families representing the successive filling ae 
Na p and d orbitals with 2, 6 and 10 electrons respectively has lately 
become quite popular ; it is shown on P. (viii), opposite P.1. 


i iodi ble 
iption of the Classical Periodic Table—The table. 
fee eee ain vertical columns called groups numbered a a 
to eight and a number of horizontal rows called series T pe dy 
Leaving out hydrogen which is peculiar in being the solit a 
member of the first series, the rest of the table can be Snide 
into five complete and one fractional periods, the five complete 
Pi containing 8, 8, 18, 18 and 32 elements respectively. 


its versatility of properties is placed alone in the 
a E A ET E I with the alkali metals or sometimes in 
Gr. VII with the halogens. Then follow two short periods of eight 
elements which fit naturally in the eight groups from Gr, 0 to Gr. VII 
the first period containing elements from helium to fluorine and the 
second from neon to chlorine. The two short periods are then follow- 
ed by two long periods of eighteen elements each, divided into t 
The first long period starts with argon and ends in 
second long period ranges from krypton to iodine. These two long 
periods of eighteen elements differ from the 
periods in that a group of three 
‘transitional elements’, Fe, Co, Ni and Ru, Rh, Pd—is 


The two long periods are followed by a longer period of thirty two 
elements starting from xenon and ending in the element No. 85, asta- 
tine, the lately known highest homologue of the halogens. These 
thirty two elements are divided into either two or four horizontal 
series. This longer period also contains a ‘trio’ of transitional ele- 
ments (Gr. VIII), and besides contains fifteen very closely related 
elements, Lanthanum (57) to Lutetium (71), 
elements’ (Lanthanides). It might be mentioned in passing that the 
name ‘rare earth’ is i 


abundant than say, copper, and as an indivi 
more abundant than 


ely synthesised by 
and they are called ‘TRANSURANIUM ELEMENTS’: 


A | 3 (vide P, 412). 
Of them neptunium (93) and plutonium (94) are well-kn, 
the latter’s possibility of use in atomic bombs. The 


and 104 and 105 have been lately discovered and christened 
Lawrencium and Kurchatovium and Hahnium respectively, 
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It should be pointed out that each complete period begins with 
a noble gas (He, Ne, Ar, Kr, Xe and Rn) End fads with a ee 
(Gr. VII), excepting the last period which is but incomplete. 
Incidentally, it may be pointed out that the noble or imert gases 
are not completely inert as some of them have been lately found 


to form stable compounds (P. 216 ; P. 426 ; XeF,, etc.). 


Such a classification brings together closely related elements in 
one vertical group. Thus, all the noble gases fall in Gr. 0, all the 
alkali metals in Gr. I, the alkaline-earth metals in Gr. II, the halo- 


gens in Gr. VII and so on, the stray similarity occasionally met with 


among the elements thus finding a thorough expression in the 


Mendeleeff’s periodic Table. 
PERIODIC TABLE IN THE POST-ELECTRON ERA 


and the Periodic Table—The ‘two most 
characteristic features of the periodic table are the regular variation 
of properties from member to member in a series and the periodic 
recurrence of properties at some regular intervals. The regular 
variation is easily accounted for from a consideration of the atomic 

For example, consider the structure of the 


structures of any period. ; >, COI 
elements of the first period as depicted in Fig. 124 (P. 403). It will be 
noticed that from member to member there is a regular increment of 


he L level. Since the outermost electrons are mainly 


one electron in t y h 
responsible for the chemical properties of an atom, the stepwise varia- 


tion of the el i f the outermost shell explains 
remarkably we 


The periodic recurrence O 


due to the recurrenc 
(valence) electrons (P. 416). The truth of this is easily borne out 


by comparing the structures of any group of elements. For example, 
let us consider the electronic structure of the noble gases and the 
alkali metals collected below on the basis of the table to follow (P. 407). 


Atomic Structure 


Element Atomic Number, Z Electron Arrangement in sh oll 
Noble Gases : KE NON FO) cE. Q 

He 2 2 

Ne 10 2 8 

AS 18 9 8 8 

Kr 36 2 8 18 8 

Xe 54 2 8 18 18 

Rn 86 9 8 18 32 
Alkali Metals : 

Lit 3 2 1 

Na 11 OL iy i 

K 19 eee ll 

Rb 37 2 8 18 8 

Cs 55 2 8 18 18 

Fr 87 a 8 18 32 


as atoms have their outermost 


It is easily seen that all the inert g 
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ub-group saturated with electrons s%°; all the alkali metals 
he ait in enn having an one-electron-show (st) in the outer- 
most shell ; and all halogens have seven electrons (s?p*) in the outer- 
most shell. Since only the outermost electrons (called _ valency 
electrons vide P. 416) are mainly responsible for the chemical pro- 


perites of an element, this explains the similarity of chemical pro- 
perties of elements in the same group. 


ated as follows : The physical 
periodic functions of their atomic 
g the elements in the periodic 
nomalies of the table disappear 
ference to its atomic structure 


number (i.e. nuclear charge). By arrangin 
table on this basis most of the serious a 


‘or receive an able explanation with re 
(vide P. 400). 


Exampre 3. An element, A forms a volatile chloride of vapour density 133. The equi- 
valent weight of the element is 40.082. Find the atomic weight of the element. 
Let the valency of A be x and so the formula of the chloride is ACI 
Molecular weight of ACI,.=atomic weight of A+-xxat. wt. of chlorine : 
ioe 2X vapour density=Equivalent weight of A X valency +x x atomic weight of 
‘chlorine. 
or 2X113=(40.08 xx) +(x 35.5) 
or x=3 (to nearest whole number) 
Atomic weight of A=3 * 40.082 =120.246. 
EXAMPLE 4. The chloride of a newly discovered element (rhenium) contains 27,57 per 
-cent chlorine and its position in the periodic table is between tungsten (184.0) and osmium (191.5). 
“Calculate its atomic weight. 


late — Wt. of Rhenium t 100—27.57 
Equiv. wt. ~ wt. of Chlorine XEq. wt. of Chlorine ae 
= 93.16. 


“. Atomic wt.=93.16 x2=186.32 for, b 
‘by the whole number 2, the atomic wt. comes i: 


35.45 


y multiplying the cı uivalent wei 

n the desired range. x eee 
Exampre 5. A complex silicofluoride is isomorphous with a similar stanni- ide 
the molecular formula of both being unknown. A bartial analysis of the Sormer meek 76 
per cent of fluorine and 12.75 per cent of silicon, while the Stannifluoride contains 38.19 per 
cent of tin and 36.67 per cent of fluorine. Calculate the atomic weight of tin, given that of 
siliconis 28.06. 


In the silicofluoride 51.76 gms. of fluorine combine with 12.75 + of silicon 
fig ‚of fluorine combines with 12.75+51.76 gms. of silicon. Ta the stan- 
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nifluoride 36.67 gms. of fluorine combines with 38.19 gms. of tin, ~s. 1 gm. of 
luorine combines with 38.19+36.67 gms. of tin. 


According to Mitcherlich’s Law, 
Wet. of silicon combining with 1 gm. of fluorine _ Atomic wt. of silicon 
Wt. of tin combining with 1 gm. of fluorine Atomic wt. of tin 


ee . 38.19 51.76 
Atomic wt. of tin= 3667x1275 


x28.06=118.6. 


ExampLe 6. Richards (1914) gives the following data :—(a) 100 gms. of lithium 
perchlorate yield on reduction 39.845 gms. of lithium chloride, (b) one gm. of the chloride requires 


2.5446 gm. of silver for complete precipitation as silver chloride and (c) one gram silver forms 
1.3287 gms. of silver chloride. Find the atomic weight of lithium, silver and chlorine, assum- 
ing the formulae of all the compounds. 

From (a) LiClO, : LiCl=100 : 39.845. 

ie. (LiCl+4x16): LiCl=100: 39.845 ~. Lidl=42.393 

Now, from (b) LiCl: Ag=1: 2.5446 

or, 42.393: Ag=1: 2.5446 ~. Ag=107.871 

From (c) Ag : AgGl=1 : 1.3287 

or, 107.871 : (107.871+Cl)=1 : 1.3282 ~. Cl=35.454 

Li=LiCl—C1=42.393—35.454=6.939. 


With regard to the method illustrated in the above example 
(Ex. 6) the student should very clearly appreciate that this is simply 
the fundamental method of atomic weight determination (ie. at. 
wt.=eq. wt. X valency) just presented in a somewhat disguised form. 
For, the analytical data serve the same purpose as the determination 
of equivalent weight or combining ratio, and the assumption of the 
chemical formula of all the compounds is exactly equivalent to a 
Knowledge of the valencies. In fact, as stressed earlier, all chemical 
methods of atomic weight determination reveal themselves by ultimate 
analysis to consist of these two steps either explicity or implicitly. 


EXERCISES 


1. Discuss the methods of determining atomic weights. Which of them in 
your opinion is most suitable for chlorine, iron, nitrogen and carbon respectively. 

2. What do you know of Dulong and Petit’s Law and discuss its merit as a method 
for determination of atomic weights of elements. 

3. State Mitscherlich’s law of isomorphism and point out its importance in 
atomic weight determination. Is it necessary to know the formula of the isomor- 
phous compounds in the determination of atomic weight by this method? 

4. Two elements A and B form two similar isomorphous compounds in which 
the percentages of A and B are x and y respectively. Criticise and correct the state- 
ment, x : y=atomic Wt. ofA : atomic wt. of B. 

i ose you are given two samples of water, ordinary water and heavy water 

(D. 3) ely: Prono a method by which it is possible to prove conclusively 
that the ESY hydrogen (D) present in heavy water has twice the atomic weight of 
ordinary hydrogen. 
5 ide the earth all elements are the same as on 

6. Ina hypothetical planet outside t! e 3 
earth Sen ienne which is composed of only one isotope viz. 101%. Had Stas 
chosen to carry out his classical determination of atomic weight of silver (i.e. deter- 
mination of silver : silver chloride ratio) by importaing all chemicals from this 

the above fact, would he have obtained the same 


i knowledge of Anke 5 
Bene uae oaiiy kaned? Discuss quantitatively the percentage difference, 


if any. 
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7. Will the atomic weight table (expressed in the same scale as that of ours) 
used by the inhabitants of the planet referred to in exercise (6) be in any way different 
from our table? 


8. Suppose by some catastrophe all oxygen (free and combined) 
in this niet are annihilated except Ol8 which remains. Will it 
people surviving this catastrophe to use th 
now? 


atoms present 
be possible for the 
e same atomic weight table as we are using 


silver chloride obtained 
from it. Discuss to what extent his determined atomic weight value of silver would 


10. Tron oxide contains 69.956 per cent of iron ,whose specific heat is 0.115. 
Calculate the atomic weight of iron. 


[55.88] 
11. The vapour density of a metallic bromide is 268 (H=1) and it contains 
89.85 per cent of bromine. Specific heat of the metal is 0.225, “Find the atomic 
weight of the metal and the molecular formula of the bromide. (Br=80). 
(27.1, M,Bre] 
12. The bromine in 1.9171 gms. of hafnium bromide is equivalent to 2.9298 
gms. of silver bromide. The atomic weight of silver and bromine are 107.88 and 
and 79.916 respectively. If the specific heat of halfnium is approx. 0.037, deduce 
the atomic weight of hafnium and the formula o: i 


(Hint :—wt. of Hf: wt. of AgBr : 


eq. wt. of hafnium : 
bromide]. 


eq. wt. of silver 


114.8 ; MCI, MCl,, MCL] 
14. The fluoride of an element is found to contain 59.067 per cent of fluorine 
(at. wt. 19) and its vapour is about 6.7 times as heavy as ai 
and pressure, Determine the equivalent weight, atomic weight and valency of the 
element (Density of air at N.T.P. js 0.00129). [13.17 ; 79:02 ; 6] 
15. A metal is found to form two chlori 


50.91 per cent of the metal. What is the least value of atomic weight that is possible 
for the metal? 


[184.2] 
16. Tungsten trioxide contains 79.317 per cent of tungsten and the ratio 
ole : WO; is 100 : 58.487. Calculate the atomic Weight for tungsten and 
rine. 


[183.99 ; 35.46} 


permanganate 
e the atomic 


[186.3] 


17. Potassium perrhenate is isomorphous with potassium 
(KMnO,) and it contains 64.37 per cent of rhenium. Calculat 
weight of rhenium, (K—39). 


i 25.45 per cent sulphur dioxide (SO,) w. 
contains 5.68 per cent of alumini Per cent of sulphur dioxide (SO,) 


CHAPTER XXVI 


ELEMENTARY PARTICLES : RADIOACTIVITY 

ay 
3 Introduction—Dalton’s concept of the atom as a minute indivi- 
sible mass, however satisfactory it might have been in explaining the 
laws of chemical combination and in bringing order in the divergent 
realms of chemistry, cannot be regarded as an ultimate solution "of 
the problem of atomic structure. In the absence of definite evidence 
the chemists had to remain satisfied with this “cannon-ball’ theory of 
atoms, but now and again science in its onward march met with dis- 
coveries which were definite sign-posts pointing infallibly to some 
kind of planned internal organization for the atoms. 

A new era was ushered in by the startling discovery of the first 
SUBATOMIC PARTICLE, the electron in 1898 by J. J. Thomson 
which was followed up by a succession of significant discoveries in 
a few related fields, the most important of which are (a) the study 
of discharge through rarefied gases, (b) the phenomenon of radioactivity, (c) 
the study of spectra, and (d) atomic disintegration. Some of these will 
be briefly discussed with special reference to the part they have played 
in the developement of the current concept of the atom. 


The Passage of Electricity through Rarefied Gases—If a 
high potential is applied across a volume of gas at low pressure (0.01 
to 0.001 mm), the electric discharge that takes place embodies some 
Under suitable conditions the cathode emits at 


peculiar features. 
i face a stream of rays, called cathode rays, which 


right angle to its sur! 
travel in straight lines and produce strong fluorescence at the point 


115—Discharge through rarefied Gascs. 


Fig. 

of the glass wall where they impinge. If an apparatus as shown im 
Fig. 115 is used, the cathode rays will travel through the slits B and CG 
and will produce a fluorescent spot at F. That the cathode rays consist 
ikingly proved by the fact that on being 


of material particles is str ) 
allowed to fall on a suitably placed vane they can make it rotate 
about its axis. These material particles were found to be negatively 


e called ELECTRONS and thus, cathode rays are 
us stream of these electrons moving with high speed. 

Determination of e/m of Electrons—With the above appara- 
tus the ratio of charge, e to mass, m of the electrons can be deter- 
mined. Ifa magentic field, H is applied at right angles to the plane 


25 


charged and wer 
simply a continuo 


386 ELEMENTARY PHYSICAL CHEMISTRY 


of the paper, the swarm of electrons being virtually an electric cur- 
rent, will get deflected at right angles to the field H so that the follow- 
ing relation holds, 

H. e. v.=mv?/r 5 ay, 20 


where 7 is the radius of curvature of the path and v, the velocity of 
the electrons. If an.electric field, X is applied between the two 
plates, D and E so as to exactly counterbalance the magnetic deflec- 
tion, we have 

H. e. 0. =Xe, or, v=X/H, .. sre 20.2; 
whence v is known, and on substitution of this value of v in equation 
26.1 wherein all the other terms are experimentally measurable, the 
ratio e/m becomes known. 


The value of e/m comes out to be 1.759 x 108 coulombs per gram 
and the most important point is that irrespective of the gas used in 
the discharge tube, the same value of e/m is obtained. Hence 
concluded that electrons are the common constitutent of all matter. { 


Determination of the Charge of an Electron—The ch 
an electron can be measured if the electric effect EA 


: ured | > on it can be balanced 
against some effect which is uninfluenced by electric charge, such 


as gravitational effect. This was done by Millikan (1911) by absorb- 
ing electrons in oil drops and balancing the gravitational attraction 
on these against an applied electric field. 

The main feature of Millikan’s a 


ain \ pparatus are shown di: s 
matically in Fig. 116. Oil drops produced by an Aane IA ie 


allowed to get into the space, S between the two plate elect: 
C and D through a hole O. i Ions are produced ee a? 


it is 


Fig. 116—Millikan’s Oil Drop Experiment. 


passing X-rays through a side window, and the ; 
oil drops. By observing the velocity of Meare ee in me 
gravity and the velocity of upward rise under the Aee w er 
applied electric field between C and D, the charge on the eok an 
can be calculated. Millikan observed the charge on an ail a rop 
be a variable quantity which is always an exact multipl rop to 
eletronic charge, e. The most recent val ibre eorgtne 


ue of t i 
is 4.802x10- e.s.u. or 1.6021 x 10-19 ra ease 
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fact that this value is also numerically equal to the charge of a mono- 
valent ion. Since, an electric charge less than that on an electron 
is never found, this amount of electricity is called unit charge, e. 


e=4.802 x 10-1 electrostatic units 
=1.6021 x 10-1" Coulombs. 


Mass of an Electron—From the above-determined values of 
e/m and e of an electron, the mass, m is easily calculated and comes 
out to be 9.10 10-8 gram which is about 1/1800 times the weight 
of a hydrogen atom. Now, we have seen in the preceding paragraph 
that the negative charge of an electron is equal to the positive charge 
of a hydrogen ion. Hence, an electron is about 1/1800 times as light 
as a hydrogen atom, but has a charge numerically equal to that of a hydrogen 
ton. 


Proton—We have seen that electrons are the common consti- 
tuent of all matter. Since matter as a whole is electro-neutral, these 
electrons must have a positive counterpart. This was ultimately 
identified as the positively charged hydrogen atom this being the 
lightest positively charged stable material particle ever met with, and 
was named ‘Proton’. That protons are a universal constituent of 
matter is proved by the nuclear disintegration experiments of. 
Rutherford (1919) who found that by bombardment of some lighter 
elements with a-particles, protons are set free. Thus a proton has 
a mass practically equal to that of a hydrogen atom but has a posi 
tive charge numerically equal to the negative charge on an electron. 


Neutron—It was observed in 1930 that a very penetrating type 
of ray is emitted when beryllium, boron or lithium is bombarded by 
fast a-particles. Irene Curie and F., Joliot (1931), Chadwick (1932) 
and others examined the rays and found them to be composed of . 
particles having no electric charge and a mass equal to that of a hydrogen 
atom. These were called neutrons. The formation of neutrons in 
the above experiment is due to a nuclear reaction of the type represent- 
ed below (P. 394). 

5B*°-+ Het (alpha-particles) —> „N13 gn! 

With the discovery of neutrons, the then prevalent idea that the 
nuclei of atoms consist of protons and electrons which was already 
being found unsatisfactory for various reasons, was immediately 
discarded and it was postulated that only protons and neutrons build 
up the nucleus. Since neutrons have zero charge, it is sometimes 
considered as an element of zero atomic number. Neutrons are pro- 
duced in plenty in nuclear reactors (atomic pile) and used for experi- 
mental purposes, 


Constituents of Matter—So far we have discussed only three 
elementary particles, electron, proton and neutron. Many other 
elementary particles numbering over two hundred, such as positron, 
antiproton, antineutron, neutrino, etc. have been discovered and 
more and more are being discovered to great surprise and puzzle 
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of theoretical atomic physicists. We shall however be mainly concerned 
in chemistry with electron, proton and neutron, besides photon or 
light quantum; the mass and charge of these particles are included 
in the table to follow. 

a LE a {iokikaaeee eee le > 


Posrrive particles NEUTRAL particles Necative particles | 
(Gharge= +e) (Charge=0) (Charge=—e) 

Prot Neutron Anti-proton | 
ase 1.00782 mass=1.00866 (Lately detected) 
Positive MESON (Neutral Meson not known) Negative Mrson 
mass about 0.1 mass about 0.1, 
POSITRON NEUTRINO Electron 
mass=0.000548 mass about 0.0005 mass=0,000548 

(existence surmised and 

lately proved) 


Photon or Light quantem mass=0 


—— SAA O UU a; 
Positron—It is the positively charged counterpart of electron but of very short 
(about millionth of a second) life. Some radioisotopes are positiron-emitters. 


We should not be led to think however that our familiar world 
is the only type of matter possible. In fact, in time and space “the 
created world is but a small parenthesis in eternity.” The discovery 
of anti-proton has suggested the possibility of existence of antimatter, 
in which the nucleus of an atom is negatively charged and is surrounded 
by positrons. Even if whole galaxies are made of it, we would never 
know, as its optical properties would be indistinguishable from those 
of ordinary matter. In fact it has been suggested that some meteors, 
which hit the earth with terrific explosions and deep crater formation 
but leave no solid fragment, are composed of anti-matter, which gets 
annihilated in contact with earthly matter with production of energy. 
Further, in some stars it is known that nuclei of atoms are fused into. 
dense matter called plasma which may be thousands of times heavier 
than ordinary matter (a spoonful weighing a few tons or more). 


RADIOACTIVITY 


Introduction—In 1896 Becquerel observed that uranium 
minerals, for example, pitchblende, continuously emit a kind of 
radiation, which can penetrate thin sheets of matter, can affect a 
photographic plate in the dark and can ionise a gas through which 
it passes, i.e. can make the gas conductor of electricity. Thus if a 
radioactive material is kept near a photographic plate even aaa 3 
nally packed, the plate is ‘fogged’. A charged gold-leaf clectaseone: 
gets also quickly discharged near a radioactive material and aie 
may be used as simple tests for detecting radioactivity. This property- 
of emitting active radiation was called radioactivity, Bere ey 
discovery of radioactivity of uranium was followed by the q í 


of radioactivity of quite a few other elements. Of ee Tee 


Te a 


An aa N aa 


LPO Ve 
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portance is the discovery of the strongly radioactive element, radium 
by the Curies in 1898 from pitchblende where it occurs to the extent 
of about only 1 part in 10 million. 


Later researches have established that these active radiations 
emanate from the nuclei of atoms which are basically unstable and 
break down into new atoms with expulsion of these active radiations 
and release of a tremendous amount of energy (of the order of one 
million electron-volts, i.e. 23 million kilocalories). That radioactivity 
is a nuclear phenomenon is also shown by the fact that the rate of 
radioactive change is not influenced by any change of imposed condi- 
tions, such as temperature, pressure, chemical combination, etc. 


Radiation from Radioactive Materials—The application of 
an electric or magnetic field reveals 
the fact that the radiation emitted by 
radioactive materials is composite in 
nature. The rays when subjected to 
the action of an electric or magnetic 
field (Fig. 117), get divided into three 
groups, one called a-rays behaving 
like positively charged particles, ano- 
ther called B-rays behaving like nega- 
tively charged particles and the third 
group called y-rays remaining un- 
influenced by electric or magneitc 
field. Their properties are summa- 
irsed below. 


=z 


Bie 117—Deflection of rays from 
radium in a magnetic field. 


a-Rays—These are ‘material particles of mass equal to four 
(hydrogen atom as unit) carrying 2 units of positive charge, and have 
the least penetrating but the greatest ionisation power. Rutherford 
proved conclusively by spectrographic method (vide next page) that 
a-rays are really doubly charged helium atoms and so they are sometimes 
called HELIONS. “Since a-rays are continuously emitted from 
radium, uranium, etc. we encounter the novel fact that an element 
helium is produced from another element. { 


f-Rays—These are more penetrating than a-rays and carry unit 
negative charge. They are really a stream of electrons shot out from 
the radioactive material with a very high velocity almost approaching 
that of light. 


y-Rays—These are non-material rays in the classical sense of the 
term, and are hard X-rays with high penetrating power, being identi- 


cal with X-rays produced in an X-ray tube operated at a very high 
voltage. 


Alpha-rays are Charged Helium Atoms : Experimental 
Proof—Rutherford conclusively proved that a-particles are helium 
atoms by an experiment shown diagrammatically in Fig. 118. The 
thin-walled glass tube contains radon gas (vide next section) which 
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its a-particles. These a-particles have sufficient energy to pass 
ongi the thin wall and so he collect in the oiler amber arenie 
i is passed between the two electrodes an e spectrum 
Pe eip analysed. It is observed that after 
some time the outer gas gives the 
spectrum of helium, which proves 
conclusively that a-particles are 
nothing but positively charged 
helium atoms (that they are posi- 
tively charged has been already 
demonstrated, Fig. 117). 


Nature of Radioactivity of 
Radium—lIf a radium salt is dis- 
solved in water under low pressure, 
a gas is evolved. This gas, called 
RADON, is an inert elementary 
substance and has an atomic 
weight 222. After recovery of the 
gas the radium ‘salt is found to 
have lost quite a good portion if its 
radioactivity, but after some time 
the activity is regenerated and a 
further quantity of radon gas is 
recoverable. Hence, we see that the 
gas, radon which is far more radio- 
active than radium is continuously 
being formed from radium and 
Sonus rang in it, and the 
} a usua! observed strong radio- 

Fig. 118— Helium from Radon. activity of radium is A RED 
the presence of this enclosed radon gas. Since radium has an atomic 
weight, 226 and radon, 222 and y charged helium 
atoms of mass 4, the conclusion is obvi i i 


Mercury 


To Mercury 
Reservoir and 
to Pump for ji 
Evacuating Tube) 


On closer examination it is noticed tha is i i 

{ 3 t radon gas is itself radio- 
active and shoots Out a-particles. It passes through successive stages 
of disintegration Siving rise at each stage to an element which is 
e ee and is ultimately converted into lead. The series of 
Tanslormation 1s shown in Fig. 119, where each ele: 

observed to emit either an a- . tenes 


P particle and as a result į k 
verted into the next element as named in the series (vide P 301). ha 


All these intermediate products are definite elements differin 
from ordinary elements only in the fact that their atoms are be 
and shoot out either a-particles or B-particles to be converted into 
another element. In fact, Ra A, Ra B, etc. are isotopes of hitherto 
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known elements and these names are of historic importance only. A 
more intensive enquiry has shown that radium is not the ultimate 
progenitor of this series but that it is itself derived from uranium 
through a number of steps as recorded in Fig. 119. 


The Three Natural Radioactive Series—The uranium series 
(Fig. 119) of which radium is a very well-known member is not the 
only radioactive series met with in nature. Two other series, one 


Fe yB 7È RE & 
A PE a a 
SAOR IERI OE 
—— 

Uranium? Uranium X; Uranium ¥z Uraniu: T Ionium 
` 45x!0%yrs,  24.5days. Limi. z.Talbty 83xl0%y 
& 1% CA £ B 
Ra ~{ Rn Po Bi 
E-E-E- 
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p ae 
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Fig. 119—Radioactive Decay Series (with half-life) of Uranium. 


called Thorium series, beginning with Th?%* and another called Act- 
nium series, beginning with U** are also encountered in nature (Fig. 
120). The Thorium series is also called 4n series because the mass 
numbers (P. 406) of the member elements are multiples of 4 ; 
similarly, the uranium series is called 4n-+2 series and the actinium 
series 4n+-3. The 4n-+1 series has not been found in nature (it has 
however been artificially produced) presumably because the half life 
of the longest living member is too small to have lasted out the geolo- 
gical age of the earth. In fact, many radio-isotopes do not exist 
in nature now, though they certainly existed before, owing to too 
short half-life period. 


Radioactivity as a Nuclar Transformation—From what has 
appeared in the preceding sections, it is abundantly clear that radio- 
activity is a nuclear property. In fact, radioactivity can be defined as a 
transformation of the nuclei of one atom into another with the release of 
a tremendous amount of energy (vide P. 389), and usually accompanied 
by expulsion of nucleons, i.e. particles obtainable from the nucleus. 
The expelled particles are HELIONS (a-particles), electrons (-parti- 
cles) or photons (y-particles) for naturally radioactive atoms but can 
also be neutrons, positrons, etc. for artificially radioactive atoms. It 
may be pointed out that f-particles (electrons) are emitted from the 
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nucleus but they are not necessarily present there. In fact, a nucleus 
does never contain any electron but it is capable of electron emission 
due to nuclear transformation. Thus, we can represent the conversion 
of uranium into thorium (the first step in Fig. 119), or radium to 
radon by the chemical equations— 
(i) 92U?*8=,,Th*4+ Het (i) Ra®?6—Rn 2224 

In the above equation uranium (9,U%88) is called the 
and Thorium (5)Th*%) is called the daughter isotope. 

Rate of Radioactive Change—The rate of radioactive change 
for all radioactive elements follows a simple unimolecular law (vide 
P. 318), i.e. in any given time a certain fraction of the total number 
of atoms decomposes with emission of a or B-particles. 


This can be expressed algebraically as follows— 


parent isotope 


= =)N or N,=Nye-! 26.1 


conveniently expressed as the half-life 
which is the time necessary for the 
of a given mass of an element. 
1590 years ; for other radioactive 
million years or more to a fraction 


of equilibrium would be reached s 
of any member of the seri 
other words, 


<. According to equation 26.1, at radioactive equilibrium, 

àN, = AN, = ÀN; and so on 
In other words, the amounts of radioelements present in radioactive 
equilibrium are inversely proportional to their disintegration con- 
stants or directly proportional to their average life or half-life period. 


Age of the Earth—Since half-life of uraniu 
years (4x 10° years) which is unaffected by any external factor and 
since the ultimate product of this series is lead (Pb?°°) (vide Fig. 118), 
a determination of the ratio of uranium to lead (Pb2°S) of a uranium 
mineral gives an idea of the age of the mineral, vis-a-vis the age of 
the earth. Thus, such minerals serye as geological clocks, where- 


m is about 4 billion 
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in is recorded the time of formation of earth. By such means it has 
been found that our earth started to have its birth about 2 to 5 billion 
(2 to 5X10?) years ago. It is of interest to note that lead found in 
lunar rocks has been almost entirely generated within the moon by 
radioactive decay of uranium and thorium, and this has helped to 
| ascertain the age of the moon. 


Position of the Radioelements in the Periodic Table—It is 
evident from Fig. 119 that radium, an element of Group II is con- 


n 


AcB FACC TAcC' 


Fig. 120—Radioactive Displacement Law. 


verted by the emission of an a-particle into the inert gas, radon, a 
zero group element i.e. the expulsion of an a-particle displaces the 
element two steps backward in the periodic table. Similarly, fe 
observed that by the emission of a B-particle, the position o: 4 e 
new element is one step forward in the periodic table. This is embo- 
died in the “RADIOACTIVE DISPLACEMENT LA acre 
to which emission of an a-particle produces an atom two steps aed k- 
ward and emission of a f-particle, one step forward in the eae ic 
table. This is shown for the three series in Fig. 120. The displace- 


ment law is readily explained on the assumption ioe. ee nae 
charge determines the position of an element in the periodic table 
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and that each element has one unit more of positive charge than 
its preceding element. 


An interesting conclusion may be drawn from the above. 
Suppose an element loses an a-particle and two f-particles conse- 
cutively ; it will revert to its initial position but will be lighter in 
mass by four units. So these two elements will be identical in 
chemical properties, though differing in mass; and such elements 
are called isotopes. Thus, the discovery of such a large number of 
new elements from a study of radioactivity introduces no difficulty 
in assigning positions in the periodic table. They either occupy 
vacant spaces in the periodic table or are isotopes of already known 
elements and so share places with them. 


Induced Radioactivity. Nuclear Bombardment—In 1932 F. 
Joliot and Irene Curie carried out bombardment of boron with fast 
a-particles and observed an extremely remarkable result, They found 
that this has brought about a nuclear reaction producing an isotope 
of nitrogen of atomic mass 13 with liberation of neutrons. The 
reaction can be symbolically expressed as sB (a, n) ,N® or more 
explicitly 

5B'+-,He! (a-particle) —>1N?5+ gn! (neutron) 
where the subscripts are atomic numbers an 
atomic masses. (Note that there is consery 
scripts and the superscripts in such an equatio: 
and mass balance respectively). 


d the superscripts are 
ation of both the sub- 
n due to charge balance 


tron and being converted to carbon of mass 13, 
N18 —> ,C134 B+ ( positron) 


roduced is for brevity, 


called a RADIOISOTOPE. radioactivity 


originally used is obsolete now. 
This discovery has been followed up by the pr i 

a thousand of such artificially radioactive dh toped Er gyer 

lightest tritium (i.e. hydrogen of j 


mass 3, JH) to the heaviest 
transuranium elements (P. 381 & 412) with | te help of Rie 
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reactions using various types of missiles, viz. neutron (ọn), deuteron 
(,d2), a-particle (Het), etc. Some typical examples of artificial 
radioisotopes obtained by bombarding ordinary elements with various 
types of particles, are listed in the table with their method of 
preparation and other relevant data. 


Method of Production | Radio element Characteristic Half-life 
(nucleus and missile) produced Radiation period 


ıD?+ iv (deuteron) re) (electron) 12 years 
6 


+ (positron) 
11Na? +d? 
15P™+ont (neutron) 
asBr??-+on" 

apAul??+ ont 


B 
B 
B 
B 
B 
B 
B 
B 


Applications of Radioisotopes—Any radioisotope is practically 
identical in chemical properties with its non-radioactive counterpart, 
but the former atoms are self-signalling in the sense that they signal 
their presence in presence of Geiger counters or other sensitive detec- 
tors of radioactivity even when present in minutest quantity, which is 
far beyond the detection limit of ordinary analytical methods. Even 
single atoms can be detected in favourable cases. So, the radioisotopes- 
serve as a very powerful tool to follow the fate of a certain element in 
any physical, chemical, biochemical or biological process. 

The method consists in using ‘labelled’ or ‘tagged’ compounds, 
ie. samples of a compound containing a radioactive isotope of the 
element in question, and following (z.e. tracing) the path of the ‘labelled’ 
atom by radioactivity-detectors. Radiactive isotopes used in mecha- 
nism studies are called TRACERS and such methods are hence 
called ‘TRACER TECHNIQUES’. Sometimes when a suitable 
radioisotope is not available, molecules are tagged with nonradioac- 
tive isotope, as for example, deuterium for hydrogen, and O78 for 
oxygen and the tracing is done with a mass spectrograph. Some 
typical ‘tracer’ applications of radioisotopes are briefly listed below— 

(1) Chemical Analysis—It has been said that by radio-activation analysis- 
“needles in chemical haystacks” can be precisely picked up. One of the methods 
is to irradiate the sample by a neutron source and i entify and estimate the expected 
radio-isotope by the half-life and its radioactivity. Submicro quantities of the order 
of 10-8 gm. or less of many elements can be estimated by this method. 

(2) Mechanism of Reaction—(i) We may illustrate by a typical example. - 
Suppose, we desire to know if during hydrolysis of an ester the cleavage occurs at 
the C-O bond (acyl oxygen fission) or O-R. bond (alkyl oxygen fission). We can use 
H,O with a ‘labelled’ oxygen (say, O"*), and find out if the ‘labelled? oxygen appears 
in the acid or in the alcohol. It is found that the ‘tagged’ oxygen appears usually 
in the acid and so it is concluded that a C-O bond is severed in ester hydrolysis. 

R,GOOR+HO"¥H > R,GOO%H+ROH 
and not R,COOR+HO#H > R,COOH+RO¥H 

In other words, fission in the usual cases takes place at the acyl-oxygen and not: 
at the alkyl-oxygen bond. (For tracers in photosynthesis vide P. 347). 
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(ii) An example of another type is seen in the oxidation of fumaric acid to formic 
-acid. Using tagged C™ atoms (an artificially radioactive isotope) only in the car- 
‘bonyl carbons of fumaric acid it is found that the formic acid obtained by oxidation 
is not radioactive. 


CH.C*OOH O, 
Il -> HCOOH+C*0, 
CH.C*OOH 


‘This conclusively proves that the formic acid is obtained from the metheny] carbon 
atoms and not from COOH. 


(3) Low Solubility and Vapour Pressure—Since extremely small quan- 
tities ofradio-clements can be easily measured, it is casy to determine very low solubility 
values by experimenting with a sample containing a radio-isotope. Thus solubility 
‘of lead chromate can be easily measured by using a sample containing some radioac- 
tive lead. 

(4) Isotope Dilution Technique—We can illustr: 
example. For example, if we desire to know the t 
we can add a small volume of a radioactive solutio: 
the radioactivity of a known volume of blood. The ratio of the tota 


vity injected to the radioactivity per c.c. of the blood gives the total volu: 
in the body. 


(5) Standard of Length—The spectrum of a single isot ins li 
-of very well-defined wavelength which are nowadays utilised A E 


as d: 
The primary standard of length (SI) is based on the spectral li Heese ean 


ne of krypton-86, 

(6) Radiocarbon Dating—Libby has lately got the Noble prize for deve- 
loping the technique of determining the age of a sample of wood by measuring the 
amount of the radioactive carbon atoms G!* relative to the amount of ordinary carbon 
atoms Ci? contained in the sample. It is possible by this technique to know the 
age to an uncertainty of about a quarter of a century. 


(7) Miscellaneous Applications—Various other applications of tracers in 
physics, chemistry, biology, medicine, etc., are increasingly being made to obtain 
results which are otherwise unattainable, to name a few, self-diffusion constant of 
metals and ions, assimilation of N, P, G, etc. in biological systems, frictional wearout. 
cte. (see also p. 211). Some medical applications, suc as tadio-phosphorus (P82) 
in blood leukemia, radioiodine (I) in thyroid disorder, 


or radiations from Ra, radon 
ete., in cancer, and so on, have shown very promising results. , 


EXERCISES 


1. Name at least two funda: 
covery and discuss their properties. 


2. Describe how the ratio of 
Millikan. How does this value c 
this charge called unit charge? 


3. What is radioactivity? Given a piece of mineral. 
by simple experiments if the mineral is radioactive? 


„4. Write short notes on :—(i) X-rays, (ii) Half-life of 
sition (iit) radioactive equilibrium, (iv) atomic weight of lead in 
(v) tracer technique, and (vi) radioactive displacement law, 

5. Give a brief account of artificial 


J rie i $ radioactivity. Cite somi icati 
induced radioactivity, with special reference to Problems connected wage ications of 
of chemical reactions. 


h mechanism 
6. Why is natural radioactivity mostly limited among heavier elments? Gi 
‘one or two examples of the occurrence of radioactivity among lighter elements ss 


mental subatomic Particles ; describe their dis- 
charge to mass of an el 


1 ectron was determi 
ompare with that of th ee 


e hydrogen ion? Why is 
» how can you determine 


radioactive decompo- 
radioactive minerals, 
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CHAPTER XXVII 


NUCLEAR MODEL OF THE ATOM 


Scattering of a-Particles by Matter—Very definite indications 


were obtained by 
‘experiments on the 


Rutherford (1911) on the structure of atoms, from 
passage of a-particles through thin metal foils. 


On hitting thin metallic foils with alpha particles it was found that 


the majority of the a-particles pass through 


almost unchanged in 


direction, except a very small proportion which are violently deflected 


from their path. This is shown schematically 


in Fig. 121, where the 


dark dots are electrons and the unshaded circle the nucleus (in reality 
4 e 3 


it is much smaller). The a-particles 
A and C pass with little deflection 
whereas B which suffers almost 
a head-on collision, is violently 
deflected. For example using 
gold foil 0.004 mm thick one 
a-particle in 20,000 was deflected 
through 90° or more. If the posi- 
tive charge of the atom was spread 
out over the whole available space 
as was at that time surmised, such 
a recoil of a-particles would be as 
impossible to happen, 


electron 
nucleus ® 
o 


Fig. 121—Path of x-particles through 

a foil near an atom (black dots are 

electrons and the circle is the necleus; 
not to scale). 


in the words of Rutherford, ‘‘as if you fired a 


15-inch shell at a piece of tissue paper and it came back and hit you”. 
From this Rutherford concluded that the space occupied by an atom 
is practically void allowing unobstructed passage to fast-moving. 
a-particles (and also B-particles) except for a very small positively 
charged nucleus occupying a negligible portion of the total volume: 
ascribed to the atom. He made an approximate estimate of the 


nuclear charge. 


In 1913, van der Brock suggested that the nuclear 


charge is equal to the serial number of the atom in the periodic table, 
this serial number being designated later as ATOMIC NUMBER. 


X-ray Spectra of Elements—The importance of atomic num- 


ber, however, 


was first conclusively demonstrated on experimental 


basis by Mosley (1913) from a study of the X-ray spectra of the ele- 


ments. 


If a stream of cathode ray is made to strike an anticathode 


made of a particular element, a stream of X-ray, containing various. 


lines called Ka, Kg 


A TA La Lg, etc., characteristic of this element 


is produced. Mosley determined the wavelengths of some of the princi- 


pal lines in the 


X-ray spectra of various elements and found that if 


the square root of frequency of any particular line, say Ka in the 
X-ray spectrum of the elements is plotted against their atomic num- 
ber a smooth straight line is obtained, whereas if plotted against the 
atomic weight the resulting curve is an irregular zigzag one. His 
actual results can be expressed by the equation, 


Vy = aZ—B 


. Mosley’s equation. 


where y is the frequency, Z is the atomic number and a and B are 
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constants. This square root dependence of frequency follows from a 
Bohr-type treatment of the hydrogen atom. Conversely, knowing the 
X-ray spectra of an unknown element, the above equation can be 
used for determining its atomic number, 


Fig. 122—Mosly plot of X-ray Ka line, 


A Mosely plot for some lighter ele 
illustrate the linearity of atomic number and s 
of the Ke line. From such a plot Mosely concluded : “There is in the 
atom a fundamental quantity which increases by re; 


Thus following Mosley we find that the fundamental characteristic 
of an element by which its other Propeties are determined is not the 
atomic weight but the atomic number, which latter is equal to the 
nuclear charge and we have here a simple experimental method of 
determining atomic number. All isotopes of the same element were 
found to have the same atomic number irrespective of their atomic 
weights ; and very closely related elements viz. the rare earths were 
proved to be distinct elements of well-defined atomic number and so 
the possible number of rare earths about which there was a little 
confusion at the time was finally fixed. Also athe classical anomaly in 
atomic weights of such pairs as Ar & K, Co & Ni, and Te & I with 
regard to their position in the periodic table disappeared as their 
atomic numbers were found to be in agreement with their position in 
the Periodic table. 


Size of the Atom and the Nucleus—It is i 
students should have a clear notion of the atomic and related dimen- 
sions. Atoms are generally 2 to 5Å (Angstroms) in diameter (1 4 — 
10-8 cm). The nucleus is about one-ten thousandth times smaller in 
diameter, and the wavelength of visible light is about one thous, n 
times longer. : n 

This is easily visualised by appreciating that if th MIE 
meter is as long as a football field, the nucle S omic dias 


z us of th 
occupy a cross section almost equal to that of a pea. In thane 


mperative that the 
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unit, the wavelength of visible light, which-is only a few hundred 
millimicrons (mj), will appear to be long enough to cover a distance 
of about one hundred miles. 


Some interesting facts come out if we calculate from the above figures the rela- 
tive volume and density ofthe nucleus. Since the nuclear diameter is one ten thousand 
times i.e., 10-4 times, its volume is cube of this quantity i.e. 10-42 times. In other 
words, the nucleus occupies a volume of about 10-12 i.e., one million millionth of the volume 
of the atom and so, the inside of an atemis a veritable empty space and hence is 
often likened to a miniature solar system. This relative size is well grasped if it 
is realised that if the nucleus is of the size of a pea, the atom is of the size of a build- 
ing. Note that the nucleus of an atom is smaller than even an electron. 


Since the whole mass of the atom resides in the nucleus, evidently the nucleus 
is 102 times as heavy as the atom, which on conversion to our ordinary units would 
be about 10" gms. per c.c. i.e. of the order of some millions of tons per c.c. That 
this is nothing fantastic is indicated by the fact that in some of the stars, for example 
in Sirius, where the atoms are mostly stripped of their electrons owing to high tem- 
perature, the average density is known to be over a ton per cubicinch (also vide P. 388). 
“The recently discovered radio stars called pulsars are millions of times denser. 


NUCLEAR ATOM MODEL 


Rutherford’s Nuclear Atom Model—We owe to the genius of 
Rutherford our basic idea of the structure of the atom. The experi- 
ments by Rutherford and his associates on the scattering of a-rays by 
matter as discussed in our opening paragraphs indicates atom to be 
void matter with a very small positively charged nucleus. From this 
Rutherford in 1911 conceived the idea that the atom consists of two 
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parts, a very small but massive positively-charged nucleus occupy- 
Ing a negligible fraction of the total volume of the atom, and an extra- 
nuclear part containing a number of electrons just sufficient to make 
the atom as a whole electro-neutral. 


The composition of the nucleus was originally surmised to be 
wholly of electrons and protons but with the later discovery of neutrons 
(by Chadwick, 1932) evidences both theroetical and experimenal piled 
up to show that electrons are not present in the nucleus, and the 
latter contains only protons and neutrons. Rutherford’s model, 
as modified above, may therefore be described as follows, 


ATOMIC NUCLEUS: (i) The nucleus of an atom is positively 


charged and is composed of a dense packing of protons 
and neutrons ; 


(ï) The number of protons in the nucleus 
of an atom is equal to its atomic number ; this gives 
the nucleus a positive charge equal to its atomic 
number, Z. 


(ai) The total number of protons and 
neutrons is equal to the atomic mass number, A, 
Evidently, there would be N neutrons in the nucleus 
where N=A—Z, 


OUTSIDE THE NUCLEUS: (i) Ana 


tom contains a number of 
electrons outside the nucleus ; 


(i) The number of electrons outside the 
nucleus is equal to the number of units of positive 
charge (i.e. equal to the number of protons) in the 
nucleus. Hence, the number of electrons in a neutral 


atom is equal to its atomic number, Z (i.e. its serial 
number in the Periodic table), i ‘ 


Summing up, if an atom has a mass number (p. 40 
atomic number Z, the nucleus mber (p. 408) A and an 


neutrons, and there would be als i 
rotating in definite orbits to make the atom el 


e extranuclear part 
ectroneutral. This 


Outside 
7 3 o] Nucleus 
Atomic | Atomic | Mass N 
Element | Symbol Weight | Number Naber rine me a Niah ži 
Z A Protons Neutrons Electrons! 
N=A-Z 
ydrogen | „H1 1.008 1 
Helium | „Hot | 4:003 2 1 2 2 ) 
Lithium aLi’ 6.940 3 3 4 2 
Carbon eC? | 12.010 6 6 6 3 
Nitrogen | N" | 14.008 7 7 7 c 
Oxygen O1 | 16.000 8 8 8 y 
Chlorine | „CIs | 35.00 17 17 g 
37.00 p iy 
17 17 20 17 
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is shown above (P. 400) in tabular form for a few elements and schema- 
tically for some light elements (Li to Na) in Fig. 124. 


OOOO 


B B Cc 


e 
At. N? 3 At. N? 4 At. NOS At. N96 
At. WET At. Wt. 9 At. Wt.Il At. WE.12 
PAT 
8+ 
N o F Ne 
At.NOZ At.N°S _ At.N°9 At. NO 10 


At. Wt.14 At. Wt.16 At. Wt.19 At. Wt.20 


Fig. 124Structure of Atoms of the First Period of the 
Periodic Table. 


Nucleus & Electrons—There is always the paradox that the nucleus 
of an atom has no electrons but it emits electrons (for example, B-ray 
activity of radioactive materials)., Also, the nucleus is capable of 
absorbing electrons (this is called K-capture). This is accounted for 
by Fermi’s theory according to which a neutron can be annihilated 
with simultaneous creation of a proton, an electron and a neutrino 
(P. 390); and the reverse change can also take place. Of course, 
electrons as such cannot be present in the nucleus, because the volume 
of an electron is bigger than that of the nucleus. 


Rutherford-Bohr Atomic Model—Bohr (1913) accepted Ruther- 
ford’s nuclear atom model but assumed that electrons are rotating 
without any loss of energy in circular orbits. Out of the infinite 
number of possible orbits, Bohr assumed that only those orbits are 
stable whose angular momenta are quantized (7c. the angular 
momentum of the rotating electron is an exact multiple of h/27, h 
being Planck’s constant). Such stable orbits, where the electron can 
rotate indefinitely without any loss of energy, are called, ‘stationary’ 
orbit or non-radiating orbit, and the energy associated with an elec- 
tron rotating in any stationary orbit is called the ENERGY LEVEL 
of the electron in that particular orbit. Radiation is given out only 
when an electron jumps from a higher energy level, E, to a lower 
energy level, E}, the frequency of the emitted radiation being given 
by the Einstein equation, E,—E,=hv (vide P. 343). _ With the above 
assumptions Bohr using classical mechanics quantitatively derived 
in absolute terms the wave length of the lines in the spectrum of 


26 
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hydrogen. This was indeed an outstanding achievement, and this 
led to a wide acceptance of the Rutherford-Bohr model of the atom. 


Comments on Rutherford-Bohr Model of the Atom—Though 
the Rutherford-Bohr model satisfactorily explained many facts in 
atomic physics, it has a number of shortcomings some of which are 
briefly discussed below : 

(i) The basic drawback of Rutherford-Bohr model or any 
model where electrons rotate, is that it is inconsistent with classical 
physics. According to Maxwell’s electromagentic theory, which 
is a firm foundation stone of classical physics, any accelerated charge 
should radiate energy, and so such electrons should constantly radiate 
energy. This means that the rotating electron would spiral and 
ultimately collapse into the nucleus. 

Bohr’s model did not remove this inconsistency but simply glossed 
over the inconsistency probably hoping that such mini-systems need 
not be regulated by the laws of classical physics 

(či) Bohr model of the atom is two-dimensional, which evidently 
is a serious drawback (vide next section) as it is-incapable of offering 
any knowledge towards understanding the three dimensional geometry 
of molecules. 


Later Extension of the Rutherford-Bohr Model—The Ruther- 
ford-Bohr model though overwhelmingly successful in many ways 
created a nagging dissatisfaction in the mind of theoreticians due” 
to the glaring defects enumerated in the previous section. These 
defects and incongruities however disappeared completely in later 
models based on quantum-mechanical and wave-mechanical inter- 
pretation of the electron by de Broglie, Schrédinger, Pauli, Heisenberg 
and others. The electron is no longer regarded as a particle 
rotating in definite orbits but it is regarded both as a particle and also 
as a wave filling up the space inside the atom. This wave-particle 
dualism, though easily formulated mathematically, is rather difficult to 
be described in so many words and has to be accepted by non-mathe- 
maticians on its face value. However, for our elementary study and 
particularly for the purpose of chemistry, the electron can be visualis- 
ed as a cloud of negative charge round the nucleus. The negative 
charge of this electron cloud is not uniformly distributed within the 
atom but is thickest (i.e. the electron wave has the maximum probable 
charge density) at those distances which correspond to the ‘stationary’. 
orbit of the electron in Bohr’s theory. This ‘smearing out’ of the 
electron round the nucleus is a necessary consequence of the wave 
mechanical representnation of the atom and arises out of the un. 
certainty about the exact location of the electron,—a fundamentel 
concept in quantum mechanics (Heisenberg’s uncertainty principle) 


It is to be noted that the quantization condition comes naturall 
in the wave mechanical description of the atom and this medal A 
a three-dimensional one (as contrasted with Bohr mod el) gae 
serious objections raised in the previous section against Bohr model of 
the atom do not exist in wave mechanics. 
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Thus, the hydrogen atom can*be represented as a proton embed- 
ded in a spherical charge cloud of one electron, and helium as a 


NUCLEUS, NUCLEUS, 
CHARGE +4 a CHARGE +2 
GP) (2R2n) 


ELECTRON 
CLOUD — 


GH) atom à 
: HELIUM (5H@ ) ATOM 


Fig. 125—H and He atoms. 


doubly charged nucleus embedded in a charge cloud of two electrons 
of opposite spin. This is schematically shown in Fig. 125, the orbital 
being shown as a smeared-out spherical electron cloud, (variation of 
charge density distribution not shown) and the nucleus by a dot. It 
is to be further noted that the hydrogen atom in the ‘ground’ state is 
spherically symmetrical whereas the Bohr model was planar. 


Accommodation of Electrons in Shells & Sub-shells—The 
build-up of the electrons inside the atoms can be easily done with the 
help of some principles éstablished by the wave-mechanical treatment 
et atomic structure. These principles in their barest outline are as 
ollows. 


(i) The electrons inside an atom are arranged in different energy 
levels loosely called electron-SHELLS. Each shell is characterised by a 
quantum number called principal quantum number, which is symbolised by 
a. Now n can take only integral values, 1, 2, 3, . . . etc., 1 for the first 
shell (also called K-shell), 2 for the second shell (i.e. L-shell), 3 for 
the third shell (i.e. M-shell) and so on. Each shell has the maximum 
capacity of containing 2n? number of electrons arranged in different 
sub-shells i.e. different energy levels as discussed below. 


(ii) Each shell has SUBSHELLS, and each subshell is designated 
by another quantum number called azimuthal or orbital quantum number, 
symbolised /, which defines the shape of the orbital (see later). The 
values of | associated with any n can also be only integers (including 
zero) in the interval zero to --(n—1). So, ifn=1, J can be only zero ; 
if n=2, l can be only 0 and +13 and so on. An energy level or 
Sub-shell whose /=0 is known as an s-orbital, /=1 as a p-orbital, 
d=2 as a d-orbital and /=3 as an forbital. So each subshell has 
two numbers, one for and another for / characterising it, and is 
usually referred to by symbols such as Is, 2p, 3d, etc. where 1, 2, 3, 
etc. are the corresponding n-values. $ 

(tit) The subshells are further subdivided into energy levels called 
orbitals each of which is associated with a third quantum number 
called magnetic quantum number, m, which can take all integral values 
from — L to +1. | 

(iv) Besides, every electron has a spin quantum number which 
can be either +4 or —} corresponding to the clockwise or the anti- 
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Quantum NuMBER AND ELECTRON CAPACITY OF SHELLS, SuB-sHELLs & ORBITALS 


i 


Quantum Number of Orbitals 


Spin 
Orbital | Magnetic | Quantum 
Quantum | Quantum Quantum | Number 
Number, | Number, | Number, =+4 
n 1=0 to m=—l or —} 
n—1 to +1]. 


Total 
Number 
of Orbi- 

tals in each 
subshell & 
its symbol 


Maximum 
Electron 
capacity 
of each 

subshell 

& [symbol 
for filled 
Orbital] 


Total 

electron 
capacity 
for cach 
Shell 


=2n? 


1 
[K-shell] 


One s 
Orbital, 
ls 


Z 


One s 
Orbital 
3s 


2; [353] 


3 
[M-shell] 


” 


Three p 
Orbitals 


6 ; [3%] 


4 
[N-shell] 


2; [452] 


Orbitals 
4d 


6; [4°] 


Seven f 
Orbitals 
4f È 


10 ; [3410] 


10 ; [4419] 


14 [4p] 


18 


32 


neare 


EAA PONES 
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clockwise rotation of the electron and having spin moment of +-}h|27 
and —4h/2z respectively. $ 

So, there are in all four quantum numbers associated with any 
electronic state and’ excepting the spin quantum number these are 
all whole number. 

(v) Finally, there is the most fundamental postulate known as 
PAULI’S EXCLUSION PRINCIPLE according to which no two 
electrons in àn atom can have all the four quantum numbers identical. 


On the basis of the above principles the maximum capacity for 
holding electrons for each shell and sub-shell can be easily otained 
and is tabulated on the opposite page (P. 404). 


Orbital—In the wave mechanical description of the atom the 
word orbital is used in a number of basically similar contexts. The 
physicists often use it to denote a wave function or an energy level 
associated with an atom. Chemists however use orbital with emphasis 
on geometry (size and shape) of the electronic level. The space 
inside an atom which has a high probability of occupation by an 
electron is called an ORBITAL. Each orbital corresponds to a 
definite energy level, and can accommode at most two electrons of 
opposite spin -+4 and —}. With each orbital is associated a definite 
value of the quantum numbers, n, l, and m, and so each orbital is 
conveniently designated by its quantum numbers. Thus if the 
refinement of magnetic quantum number (m) is neglected, the orbitals 
are designated as ls, 2s, 2p, 3s, 3p, 3d.... and so on ( vide Table 
P. 404) ; otherwise, since there are three p-orbitals (m=—1, 0 & +1) 
they may be distinguished by writing pz, py and p,, if and when 
necessary. 

The student should carefully note the following points :— 


FIRST (or K) SHELL—The First shell contains only One sub-shell 
which contains one orbital called 1s orbital (Total 
1 Orbital). 

SECOND (or L) SHELL—The Second shell contains only Two sub- 
shells called 2s and 2% level. 2s has got one orbital 
and 2p contains 3 orbitals. (Total 2? orbitals). 

THIRD (or M) SHELL—The Third shell contains only Three sub- 

5 shells, called 3s, 3p and 3d. 3s has got one orbital, 
3p contains three orbitals and 3d comprise five 
orbitals (Total 3? orbitals). 

And so on (vide Table P. 404). 


Note that all s-levels are composed of only one orbital, all 
p-levels of three orbitals, all d-levels of five orbitals and all flevels of 
seven orbitals. And, since an orbital can accommodate at most two 
electrons (of opposite spin), the total electron-accommodating capa- 
city of any shell is 2n?. 


Electronic Structure of Atoms—The capacity of each shell and 
its constituent orbitals for accommodation of electrons being thus 
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definitely known from quantum mechanical principles as given in the 
foregoing Table, it is an easy step, at least for the lighter elements, to 
build the electronic structure of atoms. The Table (P. 407) shows 
the electronic structure of the elements of atomic number 1 to 43. 
These structures are mainly obtained from an analysis of spectral data 
and it would be noted that they are in agreement with our foregoing 
Table(P. 404). From hydrogen (At. No. 1) to argon (At. No 18) the 
structure is quite simple ; there is straightforward addition of one 
electron in the outermost orbital with each unit increase of atomic 
number until we reach argon which has the structure 15?252p83s%p°. 


From argon onward the situation gets a little complicated owing 
to energy consideration. The nineteenth electron of the next element 
potassium (At. No. 19) does not occupy the empty 3d orbital but 
accommodates itself in the 4s orbital, the latter being a lower energy 
level of the two. Calcium follows*the same trend ; the additional 
electron prefers the 4s level to the empty 3d level [1s?252p835s%p%45?]. 


This tendency to fill up outer levels leaving inner orbitals vacant 
(for example, filling up 4s orbital before the 3d orbitals) leads to an 
interesting situation. Thus we find that though calcium has the 
structure... 45%, the. next element scandium which has one more 
electron has not the . . . 45°41 structure but a process of reorganiza- 
tion starts and electrons begin to be added to the inner unfilled 3d 
orbital giving it the... 35°p%d!4s% structure. This happens because 
4s is of lower energy level than 3d but 4¢ is of higher energy level than 
3d for these elements of high nuclear charge. This process of CONSO- 
LIDATION OF THE INNER 3d ORBITAL goes on right through 
the so-called iron transitional elements [scandium (21) to copper (29)] 
until copper(ous) is reached when the 3d orbital gets its full quota 
of 10 electrons. This whole gamut of elements from Sc to Cu is 
therefore called the firsts TRANSITIONAL ELEMENTS, and in fact 
transitional elements are defined as those where an inner d-level is only partly 
full. Thus there are four transition series of elements (vide long form 
periodic table on P. wit). 

ATOMIC NUMBER AND ISOTOPES 

Mass Number—The atomic weights of all elements can not 
be whole numbers on any scale. The reason is that though a nucleus 
is composed of protons and neutrons its mass is not equal to the sum 
of the masses of its composite protons and neutrons. Some ‘mass 
defect’ occurs which is more or less a measure of the stability of the 
nucleus. However, the atomic mass of any atom is not very far 
from tees number, aaa the mass of a proton or a neutron is 
very close to unity. So every atom or nucleus is designated 

MASS NUMBER which is a whole number and is just equal ie "the 
sum of the number of its nucleons (i.e. protons and neutrons), Thus 
like atomic number Z, mass number A is a whole number for all 


ee or nuclei and the latter is the whole number nearest to its atomic 
weight. 
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Atomic Number—The term was originally applied to mean the 
serial number of an element in the periodic table. From the forego- 
ing picture of the atom it may be seen that this ‘roll number’ of the 
atom is identical with its nuclear charge. Therefore, atomic number 
may be defined thus :—The atomic number of any element is equal to 
the free positive units of electricity in the nucleus of its atom and hence, is also 
equal to its ordinal number in the periodic table. Thus, hydrogen has an 
atomic number unity, helium 2, lithium 3, beryllium 4, and so on. 
Evidently, the atomic number is equal to the number of protons in 
the nucleus as also the number of electrons outside the nucleus. 

As described earlier (P. 397), Mosley (1913) was the first to develop 
a method for an independent determination of atomic number of 
elements from their X-ray spectra. He proved that the atomic 
number and not the atomic weight is a fundamental constant for any 
element which uniquely determines its properties. The same element 
may exist with two or more different atomic weights (vide isotopes) 
but the atomic number in all such cases is the same. Hence, instead 
of atomic weights atomic number could be better utilised as a criterion 
of chemical properties in the periodic table. The classical anomalies 
in the periodic table about the positions of argon and potassium, 
tellurium and iodine, etc. then totally vanish and the positions of 
the elements follow the natural sequence of their chemical properties. 


Isotopes—Different specimens of the same element which must have 


necessarily the same nuclear charge but which differ in atomic mass, are known 


as isotopes, (iso—same, topos—place). Evidently, the isotopes of 
the same element have the same atomic number, that is, the same 
nuclear charge and so occupy the same place in the periodic table. 
Isotopes of the same element have almost the same though not exactly 
the same, physical and chemical properties. : 


Atomic Structure of Isotopes—Si i i 
L i—Since at ber unequi- 
vocally characterises an TA a E A 


it is eviden i of the 
same element have the same at pinaro Tooge 
charge. As the nucl 


15.9984 O a a EGE atomie _,mass 


N E owing structures for the three isotopes illustrate 
k He hee Outside 
xygen ‘—8 protons+ 8 neutrons. 2; 6=8 
‘Oxygen (17) :—8 protons+ 9 neutrons. ; a 


2; 6=8 electrons. 


Oxygen (18) :—8 protons+10 neutrons. 2 ; 6=8 electrons 
(1) Isotopes occurring in nature; these ma’ 


stable non-radioactive ; (i) unstable A e of two kinds, (i) 
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(2) Isotopes synthesised through nuclear bombardment, viz artificially 
cadioactive elements. 

Carbon is a good example of having isotopes of all the above 
kinds. It occurs in nature as a mixture of two non-radioactive stable 
atoms, viz., Cl? (98.9%) and C! (1.1%) with a very minute trace of 
the radioactive C™ ; besides, C14 has also been artificially made by 
nuclear bombardment (vide Table, P. 395). Another well-known 
example is ordinary potassium which contains the radioisotope, 19K“ 
(half-life, 2x108 years) to the extent of as high as 1 atom per 
600 or so, and therefore ordinary potassium is distinctly radioactive. 
Lead is an example of an element having a number of stable 
naturally-occurring isotopes as it is the final product of all the three 
natural radioactive series. Besides these stable isotopes lead has also 
a number of radioactive isotopes, for example, Radium B, Ra D, etc. 
as intermediate members.of each of these three radioactive series 
(vide Fig. 120, P. 393). Another important example is natural 
uranium which is largely U**8 with admixture of U? (0.7%). 

It is to be noted that the fractional atomic weight of chlorine 
viz. 35.453 is due to the fact that ordinary chlorine is a mixture of 
„Cl and „Cl. In fact it is a general rule that elements of odd 
atomic number do not occur in nature in more than two isotopic forms, 
for example F" (one isotope only); whereas elements of even atomic 
number may occure as many isotopes, those with an even number 
of neutrons generally being more abundant, for example; Tin (55n) 
contains as many as ten isotopes. 


Uses and Applications of Isotopes—This has been already 
discussed in some details (vide P. 395). 


Isotopes of Hydrogen—Hydrogen has thret isotopes of mass 
number 1, 2 and 3 respectively (Fig. 126). They are so extensively 
used that special names and symbols have been given to them. The 
isotopes of mass number 2 is called Heavy hydrogen or DEUTERIUM 
(symbol D) and of mass number 3, Tritium (T). Deuterium (D) is 
usually obtained from ordinary water [vide (c) next section. ] 
4S ORBITAL NUCLEUS i 


ge 
G 


HYDROGEN(H) DEUTERIUM (0) or 
HEAVY HYDROGEN 


Fig. 126—Three isotopes of Hydrogen. 


The atomic structure of heavy hydrogen is the same as that of 
ordinary hydrogen except that its nucleus contains a neutron along 
There is also a radioactive 


with the proton to give the extra mass. J 
isotope of hydrogen of mass 3, called tritium (half-life about 12 years), 


TRITIUM(T) 
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which is produced by artificial means. Ordinary hydrogen H is, 
sometimes called protium to distinguish it from the other two isotopes. 


Separation of Isotopes—Since isotopes of the same element 
have nearly the same chemical and physical properties, all methods. 
of their separation have to be necessarily based on this slight differ- 
ence in properties. The property which is mostly utilised for such 
separation is diffusion under varied conditions (i.e. some kind of 
transport phenomenon). Evidently, the efficiency of any such method 
would be quite low as difference in property between the separating 
species is very small. The efficiency is generally increased by utilising 
a large number of stages, called cascade principle, such that the output 
of one stage is automatically made the input o 
large number of succession of stages sometimes we 
In principle this is similar to the separation of two very closely boiling 
liquids by fractional distillation 
as follows : 

(a) Gaseous Diffusion method—U235 
bombs and nuclear reactors (P. 413). 


s Vapour. Since the difference of diffusivity 
between U?38F, and U235F 


Jaw), this almost insignificant diffi 
principle to effect a good enrichment. 


(b). Thermal Diffusion method—This method is in 


to ordinary diffusion except that 


_ (c) Fractional Electrolysis method—Water containing heavy hydrogen 
is known as heavy water (D,O) as it is about ten per Bie ee 
than ordinary water and also differs from it in many physical con- 
stants (e.g. melting point, 3.8°C ; B.P., 101.4°C ; 


per cent. Tons of 
3 É z - Heavy Hyd: i = 
rium) is obtained by electrolysis of hea vate, Ogen e. Dente 


7 mass spectrograph (P, 
separates the isotopes, a suitable device for ebllectige The Po 
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tunable laser beam to decompose one of the isotopic compounds 
photochemically leaving the other isotopic compound undecomposed.. 
An ordinary chemical separation is done later. 


NUCLEAR REACTIONS. NUCLEAR ENERGY 


Nuclear Reactions. Transmutation of Elements—Many 
alchemists throughout the middle ages and even later attempted trans- 
mutation of elements, particularly to convert mercury or lead into 
gold. All such attempts failed miserably as they are bound to. Slowly 
chemists got deeply entrenched with the idea of impossibility of 
transmutation of elements and it came as a very unexpected shock 
towards the turn of the last centruy when it was’ realised that radio- 
activity was essentially a transmutation of element, for example, 
the clement radium gets constantly converted into two other elements, 
helium and radon. However, this kind of transmutation was a 
natural phenomenon uncontrollable by human agency, and man-made 
transmutation was yet a long way to come. 


The first nuclear reaction done through human agency was by 
Rutherford in 1918 ; on bombarding nitrogen by alpha-particles evi- 
dence was obtained for production of oxygen atoms (sO), and this 
was attributed to the following nuclear reaction. 

N¥44-,He!(a-particle) = 401-++,H> (proton) 

Efforts were then made to bombard atoms with high energy particles 
produced in the laboratory in order to produce nuclear reaction. 
This was done first in 1932 by Cockroft and Walton who used high 
energy protons to bombard Li, B and F. Nuclear transformation 
resulted as shown by the following equations. 

aLi? + 1p! > 2 at 

ob? + ip = 3018 + a4 

BU + spi Be? + oat 
More and more powerful accelerators to name a few, cyclotron, Linac » 
(linear accelerator), synchrotron, etc. were. constructed to produce 
electrons, deuterons and other charged missiles of higher and higher 
energy. Meanwhile neutron was discovered (P. 387) and it was 
realised that neutrons owing to their neutral character (zero charge) 
are likely to be very efficient missiles for bringing about nuclear re- 
actions. This proved to be so and extensive work has been done 
with neutron bombardment particularly as neutrons are easily avail- 
able from nuclear reactors (atomic pile). Some examples of nuclear 
reactions brought about by bombardment with neutrons are shown 
in the last three reactions in the table on P. 395. 

EAR REACTION is thus essentially a bombardment 

of ee ee by high energy elementary particles such as fenton 
proton, electron, etc. or by charged atoms such’ as deuterons an 


412 ELEMENTARY PHYSICAL CHEMISTRY 


‘alpha-particles with production of a new nucleus and usually an- 
other particle. Instead of writing the complete equation, for example, 


N + ont — 0 + H! 


it is more often briefly called simply a (n, p) reaction on nitrogen 
because a neutron gets in and a proton gets out. Similarly, there are 
{p, n), (n, a), (a, n), (a, $), (n capture) and similar other nuclear 
reactions. Such nuclear reactions have become now quite common 
and the products, the radioisotopes, have become a big industry. 
Besides, the TRANSURANIUM ELEMENTS (P. 381 ; ‘vide next 
para also) have been produced by such nuclear reactions. 


Transuranium Elements—In the previous section it has been 
seen how by bombardment of atomic nuclei with neutrons, a-particles 
and similar missiles, many new nuclei have been formed. These new 
elements were the isotopes of the known elements of atomic number 
1 to 92 (Uranium). However, it was later found that some nuclear 
reactions produced elements of atomic number greater than 92 and 
they have been called transuranium elements (vide Fig. 114, P. 379 
and also Fig. on P. viii). 


The first transuranium element to be synthesised was Neptunium 
and Plutonium in 1940 by the following series of nuclear reactions. 


238 1 9 
aU: + oni > gU =$ Nbi => ate 


e e 

The higher elements have been produced by similar irradiation of 
transuranium elements with neutron or nuclei of lighter elements 
The recent discovery is that of Lawrencium (Z=103), Kurchatovium 
(Z=104) and Hahnium (Z=105) and it appears that the element 
Ultimatum (!) is not yet in sight. Plutonium it may be mentioned 


is of importance since it is used as a source of n i 
uclear ener 
nuclear reactors (P. 413). ay an 


Matter—Energy Interconversion—In 

„mass appears to disappear. For example, 
gli? + ip = 2 oat 

(7.018) (1.008) 2x 4.004-++0.018 


the actual quantitative relation bene the 
E = m? . 27.1 

where E is the energy in ergs, m is mass i i i a 

of light (3x10 cm/sec.). This E a y 


4 A n implies tha £ 
dous quantity of energy is bottled up inside male a we a 
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equivalent to 9x 102° ergs, i.e., if one gram disappears energy equi- 
valent to more than that produced by the burning of one thousand 
tons of best quality coal would be obtained. We shall presently see 
that this tremendous energy obtained by annihilation of matter, 
called ATOMIC ENERGY, is the power behind atomic bombs, 


with neutrons. Nuclear fission of uranium essentially consists of the 
capture of a neutron by the uranium nucleus followed by the disinte- 
ation of the uranium nucleus to two lighter nuclei and a number 

(about three) of fast neutrons. It was later found that U? under- 
goes nuclear fission very efficiently with slow neutrons, to form two 
lighter nuclei, which in their turn undergo a series of radioactive 
disintegration to form a mixture of many nuclei. This fission reac- 
tion can be represented as follows : 

ott + 920285 > pU > X HY + ont (neutron) =e (ay 
where X and Y are two elements of intermediate (nearly equal) atomic 
mass. One such fission is shown in Fig. 127 and can be written as 
follows : 

nt 4 pU —> gaU? —> pa Te!” H aZ + 2 on e RCD) 
The products being highly unstable nuclei, they further decompose 
emitting B-ray. ' 


f 
22@-O-9 
NEUTRON 1 @ 


Fig. 127—Principle of Atom Bomb (Nuclear Fission) 
be noted in this connection. 


Two highly interesting points are to i 
Firstly, here neutrons are both consumed and generated in the same 
reaction, and so the reaction may become self-sustaining to form a 
nuclear chain reaction and may even become explosive under suit- 
able conditions. Secondly, such fission involves a loss of mass. For 
example, in reaction (b) the product nuclei together have about one 

er cent less mass than the reactant nucleus. This mass deficit is 
converted into energy according to Einstein equation (eqn. 27.1). The 
energy is tremendous, one pound of U?% liberating the heat equi- 
valent of 1000 tons of coal. 
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Based on these principles two interesting applications of fission- 
-able materials have been made, viz. (1) in making atomic bombs, and 
(2) in building nuclear reactors. They are discussed below. 


a uranium nucleus due to thie small size, and so they diffuse away. 
The bomb is a mechanism where two small chunks of U2 js pressed 
suddenly together to exceed the ‘critical size’. In such a large Piece 
of uranium the neutrons have a chance to hit other uranium nuclei 
before they escape out. The number of neutrons rapidly multiply 
as a chain reaction gets initiated which ultimately produces an explo- 
sion liberating an enormous amount of ener; 


gy and producing the 
now familiar awe-inspiring spectacle of atom bomb explosion. 


e constantly monitored 
(automatically pushed in or pulled out), such that the neutron flux 
is kept within such limit as to maintain the reaction at a steady rate 

The energy liberated can be put to peaceful use, for example, to 
taise steam which runs a dynamo for generation of power. Our coun- 
try is wedded to the idea of peace, so our atomic scientists a 
have directed their energy and i 


peaceful application (one such bomb rece 


example, the hydrogen bomb, which is far m 
uranium bomb, is based on the fusion react 


1H? + H? = Hes + onl 
This fusion reaction does not take 


ion, 


unlimited amount of atomic energy and intensive researches are going 
on in advanced countries to learn more about such potentially useful 
reactions. 


Sun as a Nuclear Bomb—It might be mentioned that the seem- 
ingly inexhaustible energy of the sun, “the fabulous fireball”, is essen- 
tially due to this reaction, the sun being, as it were, a controlled 
hydrogen bomb. The suggested cycle of reactions leading of fusion 
of hydrogen atoms into helium atoms as the net reaction, is : 


2 X (1H! + ,H!> H? + e) Note that „e° = Positron 
2 x (1H? + ,H! > He?) 
eHe? + „He? — „Het + ,H! + ,H? 
Net change: ,H + ,H! + ,H? + ,H!-> 2 „Het + 1e + 6 


‘This is a highly exothermic process where the overall consumption 
of a pound of hydrogen liberates the energy equivalent of burning 
10,000 tons of coal. ‘There is bound to come a day, may be a few 
billions of years ahead, when all the hydrogen of the sun will be 
burnt up to helium and the whole solar system will be dead, cold 
and lifeless, like a motor car which has irrevocably used up all .its 
supply of gasoline. In this context it is interesting to know that 
about 98% of the matter in the visile universe (stars, nebulae, inter- 
stellar space) is hydrogen and helium, the two lightest elements. 
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EXERCISES 


1. Write down the electronic structure of the following atoms :— (i) Potassium, 
<ü) Calcium, (ii) Aluminium, (iv) Silicon, (v) Arsenic and (vi) Astatine. 

2. Write an essay on the relationship between electronic structure and position 
of an element in the Periodic table. 

3. Discuss the electronic structure of the elements in the first long period of 
the periodic table. 

4. Name the three isotopes of hydrogen and discuss how they are obtained 
and also their structure. 

5. Discuss the significance of the fact that samples of lead obtained from diffe- 
rent sources have different atomic weights. 

If no isotopes were existing, what difference would this fact make to our table 
of atomic weights? 

6. Write explanatory notes on—(i) Mass number, (ii) Atomic number, (iii) 
Orbitals (iv) Rutherford-Bohr Atom model (v) Pauli’s exculsion principle. 

7. What are transition elements. What common feature in atomic structure 
thas been responsible designating all the clements from scandium to copper as the 
rst row of transitional elements? 

8. What isa nuclar reaction? Discuss some-uses made of nuclear reactions. 

9. What is nuclear fission? State briefly how it can be utilised as a source of 
power. 

10. Write short notes on—(i) Peaceful uses of atomic energy ; (ii) The sun 
as a controlled hydrogen bomb. 


CHAPTER XXVIII 
ELECTRONIC THEORY OF VALENCY 


Valency : Historical Introduction—Earlier ideas of chemical 
union: The nature of chemical union has been much speculated 
upon. Dalton was of opinion that the forces: responsible for chemi- 
cal union were perhaps of gravitational nature, while Davy from his 
researches on electrolysis was led to the conclusion that chemical 
combination was electrical in nature. Similar idea was elaborated 
by Berzelius in 1807 in his once-celebrated ‘Dualistic Theory’. After 
the fall of the dualistic theory, the ‘theory of types’ of Dumas held the 
sway for a few years, when all chemical compounds were made to 
conform to certain plans of atomic arrangement called ‘types’ such 
as water type, ammonia type, etc. 


Growth of the Idea of Valcney—The idea that atoms have fixed com- 
bining capacity was reached by Frankland in 1852, from a study of 
organo-metallic compounds. The idea was gradually adopted by 
other chemists. Kekule adopted the idea that the valency of a given 
element was fixed in number ; he assigned tetravalency to the carbon 
atom and explained the structure of organic compounds as due to 
a mutual saturation of their combining capacities, 


Spatial Disposition of Valency—A notable advance on our know- 
ledge was made by vant Hof and Le Bel (1874) who propounded 
, that the combining capacity of atoms is a force acting with definite 
units of affinity in fixed directions and particularly, the four valen- 
cies of a carbon atom are directed towards the angular points of a 
regular tetrahedron. ` This was the earliest theory on stereochemis- 
try. This idea of fixed spatial distribution of valency was also 
embraced by Werner in 1891 in his celebrated theory of the struc- 
ture of the complex inorganic compounds. 


theory of valency was originated 
trovalent compounds, and by Lewis 


Two Main types of Chemical Compounds—The forces which 


are in operation in keeping atoms and mol 
classified into the following five types : molecules together can be 


(1) Electrovalency 


i a eine. Ne Sie, 


ELEMENTARY THEORY OF VALENCY 417 


(2) (è) Covalency 
l (ii) Coordinate covalency, or Dative bond 


(3) Metallic bond—This type of interatomic force is in opera- 
tion in metals and intermetallic compounds. In such solids the posi- 
tive metal ions occupy the lattice points and the electrons form an 
electron cloud (the so-called electron gas) round this array of positive 
ions. So, any given mass of metal in a sense is one molecular entity, 
the whole mobile electron cloud being simultaneously shared by, all the 
positive ions. This will however not be discussed further in this book. 


(4) Hydrogen bond—(vide P. 429). 


(5) Van der Waals forces (P. 46) and intermolecular forces of Coulombic 
(electrostatic) origin. 


However, most’ of the chemical compounds are either of the fol- 
lowing types :— 
(i) Tonic Compounds (ii) Covalent compounds 


and their characteristics as also the role of electrons in their forma- 
tion are discussed in the sections to follow. 


Valency Electrons—Chemical reactions involve only the eleo- 
trons of the outermost shell (P. 404) of an atom. In fact, the outermost 
electrons are thought to be the electrons which are mainly responsible 
for the valency or combining capacity of an atom, and hence, 
the electrons in the outermost shell (ie. those having the highest 
principal quantum number, n) are called valency electrons or valence 
electrons. 

Thus referring to Table on P. 407 for ground state atoms, Li- 
atom has the structure Is?2s!; therefore the single 2s! electron is 
the valency electron. Similarly, F-atom has a structure 1s?2s*p5 and 
so the seven electrons 2s*p> of principal quantum number n=2 are 
the valency electrons. It is to be noted from the Table that in the 
first two periods of the periodic table the group number is the same 
as the number of valency electrons. 


Electrovalency (or Ionic Bond*)—Electrovalency operates in 
the formation: of ionic compounds, ż.e. in compound formation bet- 
ween an clectropositive and an electronegative element, and the 
mechanism is discussed below : 


Characteristics of Ionic Compounds—The ionic compounds, if soluble 
in water, conduct current freely indicating that such compounds. 
are composed of ions. Ionic compounds which are insoluble in 
water, show their ionic character by conducting electric current in the: 
fused state. Further, on examination by X-rays, crystals of most of the: 
ionic compounds show themselves to be a regular close packing of posi- 
tively and negatively charged ions in equivlaent quantities. Taking: 
typical examples, KCI, AgI and CaF,, their crystals are found by 


*Note that no chemical bond exists in electrovalency and so the alternative term _ 
‘ionic bond’ is a misnomer and is not much used nowadays¢ 


27 
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X-ray diffraction to be composed of ions and not of neutral mole- 
cules as shown in the above formulae. Owing to the strong electros- 
tatic attraction between Positive ions and negative ions, ionic com- 
pounds generally have high melting points. 

Electronic Mechanism o 


attain by either gai 


noble gas. This is a very important principle ; the name ‘octet’ comes 
from the fact that the outermost shell of all noble gases (except 
helium of course) contains eight electrons. The reason why all 
i onfiguration is simple 
is i energetically the most 
favourable (i.e. most stable). 


Taking the case of sodium chloride we find that the sodium atom 
full and has got a single electron (3st 
electron) in its outermost M-shell. Thus, the Na-atom has one 


t t inert gas and so it may easily give 
up this electron to pass into the n i 


earest inert gas (neon) configura- 


a as, krypton. It will thus 
form negatively charged chlorine atom i.e i 
electron transfer may be represented as sho 


we are justified to write ts fe 
Nat Cl-, (or simply NaCl), without meani US formula as 


Na+Cl- or, NaCl exists as suc 
chloride crystal each sodium ion is equally attracted 

mutually perpendicular lines by six chlori e io; c¢ along three 
strong well-balanced electrical at 
all sides gives the crystal a high nd density (Gide p: 9, 


i 
( 
} 


es 
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Note that positive ions have generally a smaller size than the 
corresponding neutral atoms, because the net positive charge attracts 
the electrons inwards. The negative ion on the other hand due to 
self-repulsion of the electrons are bigger. As a result anions are 
generally bigger than the cations (vide Fig. 31, P. 69 ; Fig. 128). 

Evidently, in clectrovalency the donor atoms should be atoms 
with low ionisation potential and acceptor atoms should be those 
‘with high electron affinity. From this consideration electrovalency 
will be easier to operate between atoms on the left hand side of the 
periodic table and those on the right, for example, between alkali 
metals and halogens, i.e. between an electropositive element and an 
electronegative element. The monovalency of sodium and the other 
alkali metals-which have got electronic structure similar to sodium 
and similarly, the monovalency of the halogens which have elec- 
tronic structure in the outermost shell same as that of chlorine, as 
also the ionic nature of sodium chloride are thus easily accounted for. 


hee [MT EST Do 
sur + Bs ahs RU [e BaD 


ee ra Behe ac Sale 


Fig. 129—Examples of Electrovalency. 


The atoms of beryllium, magnesium, calcium, etc. (Gr. II) have 
two electrons in the outermost shell which they can donate to nega- 
tive atoms having partly-filled outermost shell, thereby themselves 
passing to the nearest noble gas structure ; and this explains why 
they are bi-positive in valence. Electrovalency is operating in all 
compounds which are electrolytes and further examples are shown 
in Fig. 129 for NaS, BeCl, and MgS. 


High Values of Electrovalency—To remove. an electron from 
an atom or to donate an electron to an atom becomes increasingly 
difficult with successive electrons as each loss or gain of electrons 
produces unit charge. So, simple ions of high charge (say, greater 
than two or three units) occur rather rarely. The size of the atom 
however, is also an important factor in this matter. Evidently the 
smaller the size of an atom, the stronger would be the attraction of 
the nucleus for an electron and so more difficult would be to remove 
an electron (i.e. form positive ions). This explains why in the first 
short period the first two atoms, Li and Be show positive electro- 
valency of one and two respectively, but boron is not electrovalent 
at all. For the same reason in the second short period where the 
corresponding atoms are a little bigger, the first. three elements Na, 

| Mg and Al form simple ions, but no tetrapositive silicon ion is known. 


The reverse would be the case for negative ions. Smaller nega- 
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tive ions would be stabler than bigger ones due to stronger attrac- 
tion by the nucleus. This is the reason why fluorine readily forms 


F- ions, oxygen forms O-- ion with difficulty and nitrogen does not 
form tri-positive ion at all. 


Ions without Inert-Gas Structure—Though most ions as explained in the pre- 
vious section have the electronic structure of a noble gas, there are a large number 
of ions, all cations, with other structure. For example, referring to the table on. 
P. 407 it would be found that none of the bipositive or high-valent ions formed by 
the socalled first transtional elements from scandium to copper has the inert gas 
structure. Thus the stable Cr++ ion has its outermost 3d shell occupied with only 
3 clectrons. Evidently some other forces are operative about which Jittle is known 
at present which determine the stability and variability of valency of these ions, par- 
ticularly, the transition metal ions. 


Covalency or Shared Electron Pair Bond—Compounds in 
which this type of bond exists are called covalent compounds as 
opposed to ionic compounds. G. N. Lewis (1916) is the originator of 
the idea of the covalent bond 3 this type of bond is so widely operative 
in chemical combination that Lewis called this ‘the chemical bond’. 


CHARACTERISTICS OF COVALENT COMPOUNDS—Co- 


less tight than ionic crystals. The latter fact ma 
compounds have a relatively low melting point. 
of pure covalent compounds are methane, 

benzene, ethyl alcohol, sulphur hexafluoride, an 
thus, covalent compounds can be both organi 
whereas ionic compounds are pred 


tion of the nearest noble gas) not only by tr 
€ r n X ansfe 
described in the previous section but A By aE ete 


For example, if there are two chlorine atoms and supposing 
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that both of them try to fill up their ‘octet’ to assume the argon 
structure, it is impossible to do this by donation of electrons since 
each of the two atoms contains only seven valency electrons by itself. 
But this is easily realised if they have electrons in common 
(see Fig. below), one of which is contributed by each atom ; this, 
sharing of a pair of electrons would make each atom finding itself sur- 
rounded by an outermost shell of eight electrons though there are 
in all fourteen electrons. Similarly, in the hydrogen molecule two 
electrons are shared so that each hydrogen atom has the helium 
structure (nearest inert gas). 


se + eis —> etleae He + +H — > HSH 
eo eo barry e oo” 
Chlorine A Hydrogen 
Molecule Molecule 


This shared electron pair is the covalent bond and this type of bond- 
ing caused by sharing of an electron pair is called GCOVALENCY. 
It should be noted that covalency is basically caused by the tendency 
of atoms to get surrounded by a complete outermost shell of eight 
electrons to form molecules which represent a state of lower energy 
than the isolated atoms. It is further to be noted that the bonding 
electron pair between two dissimilar atoms is more under the con- 
trol of the more electronegative atom. ‘This is the origin of polarity 
of bonds. In fact, covalency and electrovalency are two extremes and 
all sorts of intermediate partial ionic character exists (vide P. 425). 

Covalency is operative in almost all organic compounds and also in 
a number ofinorganic compounds. Some very simple but instructive 
cases of pure co-valency are shown below diagrammatically — 


H E EU EGES nia EG 
H:C:H CC Helexel HiN: Hydrogen chloride 
Ë H Ä ‘Gh ra NENE 

Methane Ethylene Carbon Ammonia Nitrogen 


tetrachloride 


In methane the carbon atom has got its outer ring saturated 
with 8 electrons by sharing 4 pairs of electrons with hydrogen atoms. 
Each of the latter has not only two electrons to share but these are 
quite sufficient to saturate its outermost K-shell to give it the elec- 
tronic configuration of helium. It is to be noted that the sharing 
of electrons occurs in pairs and each pair of electrons is equivalent 
to a conventional chemical bond. Hence, double bond is to be 
represented by the sharing of four electrons as shown in ethylene 
and a triple bond by the sharing of six electrons i.e. three doublets 
as shown in the nitrogen molecule. In fact, Lewis was led to his 
theory of co-valency by the remarkable fact that excepting three or 
four cases, such as NO, NO,, ClO,, etc. all known chemical com- 
pounds contain an even number of electrons. 
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COVALENT BOND AS OVERLAPPING OF TWO ATOMIG 
ORBITALS—We have seen above that a covalent bond consists of 


must therefore be of opposite spin (vide P. 404). Hence a covalent 
bond can be geometrically described as a bair of electrons of opposite spin with 
partial overlap of their orbitals. For example, the formation of H, 


ORBITAL 


H 


M . H- ATOM 


Fig. 130—Formation of H; by the overlapping of two atomic orbitals 


molecule takes place by overlapping of two Is orbitals and so it is 
called an s-s bond. But in the formation of H,O, each of the two 


Shape of Molecules—The effect of the t 
shape of molecules can be understood from 
orbitals whose overlapping creates the chemical b 


ype of bond on the 
the geometry of the 
ond. The s-orbital 


a ee 


Fig. 131—Three P-orbitals 


is spherically symmetrical (Fig. 130) round the nucleus like the skin 
of an orange. So bonds involving s-orbitals have no perferred direc- 
tion in space. The three p-orbitals (Pas by and $.) are shaped 
somewhat like three dumb-bells mutua i les as shown 
formed through utilisa- 


e case of H,O molecule, 
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it is easily seen from Fig. 132 that the shape can not be linear. Note 
that when the s-orbital of a hydrogen atom overlaps with a p-orbital 
of an oxygen atom, the orbital gets distorted and a rough idea of this, 
is also given in Fig. 132. Thus the s-ġ bonding in the water mole- 
cule accounts for the fact that the latter is not linear (note that the 
triatomic molecule CO, is linear). Since the three p orbitals (be, py 
and #,) are mutually at right angles, the two OH bonds in water 
should be at right angle to each other ; the fact is that the angle bet- 
ween the two bonds in water is about 104°, the higher than theoretical 


MOLECULE / 


OXYGEN ATOM 


Fig. 132—Formation of H,O molecules 


value being probably due to repulsion between the two partially 
ionic H-atoms. H.S, H,Se and H,Te however have bond angles very 
close to the theoretical value of 90°. The matter is however not as 
simple as described above due to hydridization of orbitals and 


Sulphate,sO4~ Sulphite,SO3 Nitrate NO, 


Fig. 133—Shape of some Molecules and Ions 
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Electronic Structure. 


Covalent compounds. 
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Ammonia (pyramidal) Ammonium Ion 


(tetrahedron) Phosphorus trichloride (Chloric Acid) 
H—C3:3C—H .. . 
Acetylene sO—H sO—H 
(Linear molecule) H | os eal 
| *S—O B—O; 
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Hydrogen cyanide 


or 
Hydrogen Sulphide (Sulphurous Acid) 


(Linea? molecule) Boric Acid 
H ii a2 a 
x 4 or EGS. cst se H sO—H 
Meise KS aap re iS S Li 
Y 30: 20° 202 sO—Si—O3s 
H H ao eo eed | H 
Ethylene ` Chlorine dioxide ERORAR 


(planar molecule) 


[The molecule of chlorine dioxide which contai 
in all the three possible forms (called by the generalia odd n 
The actual molecule is a resonance hybrid (vide P. 427), of the three 


Orthosilicig Acid 
umber of electrons 


forms), ©. 


nce forms) is shown. 


ELEMENTARY THEORY OF VALENCY 425. 


delocalization of electrons. We shall not pursue the subject further 
except indicating the shape of a few molecules and ions (Fig. 133). 
Thus NH, and SO,2- are pyramidal whereas NO,- and BF, are 
planar triangular. These shapes which are definitely known from 
X-ray and electron diffraction measurements are easy to remember 
from the empirical rule that unshared electron pairs on the central 
atom are associated with angular (for tri-atomic molecules) or pyra- 


midal (for tetra-atomic molecules) structure. 


Co-ordinate Covalency—There is another type of co-valency 
called co-ordinate covalency (also called SEMIPOLAR BOND or 
DATIVE BOND) in which the common pair of electrons is supplied 
by one of the two atoms held together ; this type of valency usually 
exists in complex compounds. The sulphate ion, [SO,77] is an illus- 
trative example, where the oxygen atoms are held to the central ion 
by this type of valency (P. 424). 

Some more examples are shown in the case of a few oxyacids on 
P. 424 where semi-polar bond has been indicated by arrow instead of 
the conventional line singnifying that both the electrons have been 
contributed by one of the atoms. As far as the strength of the bond 
is concerned it makes no difference whether the bonding electron pair 

by one of the atoms and so 


has b lied by both the atoms or 
sures sec d as covalency and there is no necessity 


co-ordinate covalency is as g00 i 
to distinguish between the two, except for specific purpose. — 

Another illustrative example of co-ordinate covalency is supplied 
by the combination of trivalent boron compounds which have only 
stx electrons in the outermost shell of Bonga ae compannd. like 
NH.. PCI., etc. which contain a lone pair 07 © ectrons, to give mole- 
cular compounds like H,N-BFs, PCl,—>BCl, etc. (P. 424). This 
type of bond is often indicated by an arrow. : 

ww more electronic struc- 


We have written down on P. 424 a fe : 
tures, where for convenience we have replaced the electron pair 


by the conventional line. We have intentionally represented water 


as H-O: instead of H — O —H to bring home the fact that the 
d more near to a right angle (to be more precise 
ght angle. It would be very instructive 


valencies are directe 
he electronic formula for a number of 


about 104°) than to a strai 

if the student writes down t 

common compounds. 
Partial Ionic Character © 


Molecules—Since covalent bon 


tals between two atoms and since the o 
and spatial symmetry, 7 is easily conceivable that the effect of the 


orbital overlap may not be equally shared between the two bonded 
atoms : one of the atoms may have a larger share of the, electron 
cloud of the overlapped orbital. This means that the electronic charge 
would not be equally shared between the two bonded atoms and this 
would impart a PARTIALLY IONIC CHARACTER to the covalent 


£ Covalent Bonds and Polarity of 
ds constitute overlap of atomic orbi- _ 
e orbitals are of various shape 
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bond. The consequence of this is that covalent bonds of all degree 
of ionic nature are possible and that electrovalency may be regarded 
as an extreme form of covalency. An important consequence of 
partial ionic character of covalent bonds is that such bonds are of 
various degrees of polarity, and so the resulting molecules have dipole 
moments. Besides, the length of a given type of covalent bond would 
depend on the partial ionic character of the bond and so, the bond 
length may vary considerably from compound to compound. 


Difficulties of the Octet Theory of Covalency—The Octet 
theory is not without its difficulties. Of these we might mention the 
following four types of behaviour which are not in strict conformity 
with the octet theory, e.g. (2) molecules with odd number of electrons, 
(b) atoms with less than eight electrons in the outermost valency shell 
(c) atoms with more than eight electrons, and (d) compounds of inert 
gases. 

(a) Odd-electron molecules—As already pointed out Lewis was 
led to the theory of shared electron pair bond from the remarkable 
fact that of the thousands of known compounds, only a very few, for 
example, NO, NO,, ClO, and just a very few more, contain an odd 
number of electrons. All these compounds are however rather un- 
usual in the sense that they are extremely reactive, are highly coloured. 
eu are eS: Stabilisation by resonance (see later) certainly 

ays a part in their occurrence in the fi 7 
Pe čio, pa P. 424). ree state (vide the amure, 
b) Atoms with Incomplete Shells—For ri g 
as a 4G} the co ks ee easons already explained 


electrovalent, and so it is co- 
valent. The boron atom however has here, as in many other boron 


six elect; i 
shell. Such compounds are however hight 7 ireactive ue outermost 


t is Bees however to note that 
expar es place with the elements of the first 
short period in accordance with theory which sets their maximum 
capacity to be 8 electrons in the valen 


ae cy shell. 
ompounds. of Intert Gases—Recent| 
Y, a number of 

of krypton, xenon and radon, have been reported th moter 
The most well-studied and well-characterised is XeF, (first pre- 
€ compound (P, 216) obtained by 
omne attoo Such compound 
octet theory but probably takes 
nization poten- 
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tial ‘of the heavier noble gases and high electron affinity of fluorine. 
This fact underlines strikingly the overriding importance of energy 
considerations from wave mechanical representation of the atom as. 
against any rather crude geometrical picture such as octet theory or 
the picturesque representation of the orbital theory, though the 


` Jatter’s utility to the non-mathematically minded chemists for under- 


standing atomic structure can not be denied. 


Resonance—Lewis’ ‘Octet’ theory of covalency has provided a 
simple method of representing all compounds by electronic structures. 
However, on attempting to write such structures it immediately 
transpires that the same molecule can be represented by a number 
of alternative electronic structures, and the problem arises of chosing 
the correct structure from among these alternatives. 

Pauling went deeply into the wave mechanical implication of 
this problem and came out with the conclusion that the actual wave 
function representing the molecule in such a case is a linear com- 
bination of the wave functions of all the composite structures such 
that the energy is minimised. This minimisation of energy gives the 
actual molecule an extra degree of stability than the weighted average 
of the different component structures. Further, the more equivalent 
are the component structures, the more stable is the actual molecule. 


Pauling called this feature of an actual molecule being built up 
by contributions from a number of possible electronic structures 
in such a way that there is a minimization of energy giving an extra ` 
degree of stability to the actual molecule, RESONANCE. Following 
this terminology, the actual molecule is said to be a resonance hybrid’ 
of the possible structures (or, the molecule is said to exhibit reson- 
ance between the two or more electronic structures). These resonat- 


ctures however have no real existence by themselves. Further, 


ing stru 
stance often gets per- 


due to the existence of resonance the bond di 
ceptibly shortened. 
Thus, ozone can be represented by two resonating forms. These: 


are 
ee eo oo 


sQ=0—02 


These two forms are equivalent and this gives an additional degree 
of stabilization to the molecule which is one of the factors contri- 
buting to the stability of the molecule but also makes the two OTO; 
bonds in ozone equivalent, cach bond having the characterisitics be- 

tweeen those of a single bond: and a double bond. f 
The student should carefully note that ozone does not contain a 
mixture of the above two types of molecules in, equilibrium but con- 
tains only one type of molecule whose behaviour can be approxi- 
mated by a combination of the two forms together with an added 
though deceptive like all similies if push- 


degree of stability. A simile, y 
ee far, TA help to clarify understanding. A green glass plate 
when viewed through, looks exactly the same as a combination of a 
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-yellow and a blue glass plate and so, we may say that the green is 
equivalent to a combination of blue and yellow, just as the actual 
molecule is a combination of the contributory resonating forms. 


The three main features of resonance are— 


(1) The actual molecule is more stable than what is expected 
from any of its resonating structures. This normally 
means that less heat will be evolved say in hydrogenation 
or combustion of the molecule than that calculated or 
expected from the simple structure. 


(2) The bond distance will be usually shorter than the normal 
value. 


(3) The bond order changes i.e. the type of a C-C bond may 
change from that of a pure single bond to one having 
partial double bond character. As a consequence there is 
restriction of freedom of rotation and the molecule tends 
to assume a planar configuration. 


‘The above features may be well illustrated with 1, 4- butadiene, 
-CH, = CH — CH = CH. The heat of hydrogenation of butadeine 
is somewhat less than that calculated for two ethylene-type bonds ; 
in fact the molecule is stabler than what is calculated for the above 
structure to the extent of 3.5 kilocalories which is thus its resonance 
energy. Secondly, the, C-C bond length is 1.46A instead of the 
normal length of 154A. Thirdly, it is well-known that the C-C 
bond in butadiene is of partial double bond character. Another 
-good example is benzene, which is well resonance-stabilized to the 
tune of 39 kilocalories, this strong stabilization resulting from the fact 
that the two main resonance structures are equivalent. The molecule 
becomes planar and all carbon-carbon bond lengths become equal 
having a value of 1.39A (longer than C=C bond length of 1.34A and 
shorter than C-C bond length of 1.54A), So, all C-C bonds in 
benzene are equivalent and have partial double bond character. 


OCE =C-O: 0=C=6 GOs 
-c=S §=c-s: CS= 
N=N=Q  N=N-G: N20 
N=C=Q N&C-Q: EN CEO CNOT 
ORSO Ö=5 O ; SOə 


Resonance is very common among orga 


c ) nic molecules i 

‘example being the equivalence of the two exygen atone ake 

RCOO- ion. Some more examples are shown above. For CO, it 
. 2 


may be noted that the first two forms being equivalent are more im- 
‘portant than the third form. 
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The theory of- resonance is now widely used by organic chemists 
and has been quite successful in explaining varied facts, though there 
is lately a growing fecling that hybrid bond and delocalisation of 
electrons may give a more correct picture. 


Hydrogen Bond—The hydrogen atom though traditionally 
monovalent shows a variety of phenomena which indicate that in 
some compounds, particularly in combination with strongly electro- 
negative elements such as F, O and N, its beaviour is in effect that 
of a bivalent atom. The earliest of such idea was advanced to explain 
the weak basic nature of ammonium hydroxide in contrast to that of 
the quaternary ammonium hydroxides. The NH, combines with 
a water molecule to form the covalent compound NH,OH, which 
is only very sparingly ionised. : 

NH,+H,O = HN. HOH = [NH,]*++OH- 
In the compound H,N..HOH, one of the hydrogen atoms is behave 
ing like a bicovalent atom, and this H atom is said to form a H-bond 
or H-bridge between the oxygen and the nitrogen atoms. In quater- 
nary ammonium hydroxides say, N(CH;), OH no such bridge forma- 
tion is possible and so the latter are strongly ionised and behave as 
bases practically as strong as caustic soda. 

Hydrogen bond may be of two kinds which are discussed below. 

(i) Inter-molecular H-bond, i.e. H-bond between two different 

molecules ; and , 

(ii) Intra-molecular H-bond, i.e. H-bond between atoms con- 

tained in the same molecule. 

INTER-MOLECULAR H-BOND FORMATION—Such hydro- 
gen bond is responsible for the association of HF, H,O, alcohols, etc., 
as shown below. HF forms dimers and polymers through H-bonding 
(vide i in Fig. 134, Note that F—H. .H is straight angle whereas H— 
F..H is 140°). Water is composed of associated molecules of various 
degrees of complexity, ice being wholly of structure (ii). This hydrogen 
pond and consequent association of water molecules make water boil 
at an unexpectedly high temperature 1n comparison to the other 
hydrides of Group VI elements, viz. H,Se and H,Te. | Similar remarks 
also apply to HF. Many of the peculiar properties of water are 
due to this ability of inter-molecular hydrogen bond formation of 
the H,O molecules. 

Hydrogen bond formation and the consequent association is the 
cause of higher boiling point and higher heat of vaporization of many 
N and O compoun including organic hydroxylic compounds in 
comparison with say; ketones: of equal number of carbon atoms. 
Dimerisation of acetic acid (iii) or other fatty acids is also ascribed 
to such hydrogen bonding. Hydrogen bond is very important for 
the process of life itself, because the helical structure of proteins and 
double helix structure of nucleic acids — the latter being the units 
of heredity (the genes) which control the manufacture of proteins and 


` other functions of the living cell —are porfoundly dependent on hydro- 
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gen bond formation mainly of the N—H..O type, so much so, that 
it has been said : “In fact, man himself is fabricated of H-bonding 
substances”. 

INTRA-MOLECULAR H-BOND FORMATION—Many un- 
usual facts of organic chemistry, particularly the special physical 
properties of ortho-compounds are easily explained on this basis. 
For example, o-nitro phenol (also ortho- halogenophenols) and sali- 
cylaldehyde are easily voltile in steam whereas the para-isomers are 
not, and this is easily explained by virtual six-membered ring forma- 
tion through hydrogen bond (vide Formulae iv & v). This factor 
also makes these compounds lower melting and more soluble than 
the other isomers. 


ag Ers 104% H y (ii) Water 
H uel H wo ee O2H-O-He: 
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O=H—O 
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(tv) O-nitrophenol, ©) Salicylaldehyde H 


Fig. 134—Hydrogen Bond Formation. 


It is to be noted that hydrogen bond is operative only for bonding 
highly electronegative atoms, viz., F,O,N and sometimes Cl, The 
explanation that the hydrogen bond A—H—RB is a resonance hybrid 
of A ... H—B and A—H ... B is not acceptable because the hydrogen 
atom is hardly ever midway between the two atoms ; neither is a truly 
bicovalent explanation acceptable on theoretical grounds. It js 
generally believed that the mechanism of hydrogen bond is'electrosta- 
tic in origin, the bare proton owing to its positive charge attracting the 
unshared electrons of strongly electronegative elements. Hydrogen 
bond however is quite a weak type of bond having a bond energy of 
only 4 to 10 K-cal. as against 50 to about 100 K-cal, for ordinary 
covalent bonds. 


EXERCISES 
1. Write short notes on (i) atomic number (ii) isotopes, 
(iv) electronic formula, (v) resonance, and (vi) hydrogen bond. 
2. Give an account of the modern views regarding valency. 


(iii) valence electrons, 


Zia Hh Cig te Oe ee ee 


| 
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3. Clearly explain what you understand by electro-valency and covalency. 
Write a short essay on variable valency with reference to atomic structure. 

Give the orbital and electron dot representation of H, H+ and H- ; OH, OH- and 
OH? ; Cl., HCl and CLO ; NH; and BH,- 

5. What is meant by the atomic number of an element? Discuss the statement 
that the atomic number of an element is more fundamental than its atomic weight. 
How is the atomic number of an element determined ? 


6. Write the electron dot formula for each of the following simple compounds:— 
(a) CHCl, C,H, H+S, Na,O, (b) LiGl, CaO, KMgF,, and (c)BH,~ ion, S,- ion, Os- 
ion, NH,* ion- & I3~ ion and mention for each whether it is electrovalent or covalent. 


7. From Lewis idea of covalency give an explanation for the fact that inter- 
halogens contain an even number of atoms in a molecule, whereas polyhalide ions 
-contain’ an odd number. 


EPILOGUE 
To Our Young Scientists 


This course of physical chemistry, the author hopes, has revealed 
to the students the aesthetic beauty and profound power of physico- 
chemical theory as illumining chemical facts, albeit on a very elemen- 
tary level. It is now natural for the students to be curious to know 
about the latest trends in chemistry, the burning problems of the 
‘day, and the progress lately made. 


Ofcourse, the problems of POWER POLLUTION and POPULA- 
‘TION are central to most guided research activities today. Besides, 
the ‘giant’ molecules (high polymers) comprising plastics, resins, 
rubbers, fibres and the biopolymers, particularly the last ones, 
have lately evoked great physicochemical interest. This has been 
aptly expressed by the author in another context as follows :— 
““....the power and beauty of the science of high polymers 
lie not so much in what it has materially achieved but in what 
it suggests and promises to look into. ... recent spectacular 
advances in the knowledge of all polymers related to life process 
and our very recent success in producing stereospecific polymers 
are bound to bring an increasing understanding, control and command 
over the biology of life. The viruses, which are regarded as the twilight 
zone between the living and the nonliving, and have been recently 
crystallised, broken apart and resynthesised to life, are likely to yield 
the secret of their life force in the near future under insistent enquiry 
in the polymer chemists’ test tube. ` 

And, from then on, the day may not be far when the science 
-of high polymers, in its widest sense, shall launch itself into the 
supremely exciting adventure of creation of life itself. Whether 
an unbridgable gulf remains between the living and the 
non-living, whether the unknown creative force which ushers 
life into existence is amenable to be completely understood and master- 
ed, whether the theory of an omnipotent supreme creator would be 
irrevocably knocked down from its present pre-eminent position, 
are delicately balanced questions at~ present. But the potentiality 
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` of polymer science, in its widest sense again, to venture into the hallow- 
ed citadel of creation of life, which has so far been held to be the 
monopoly of an unknown creative force, marks it ithe supremely 
exciting and worth all human creative effort.” 


We mention below just an arbitrary selection from among the latest 
growing areas of research which have some physicochemical interest 
to give the sutudents a ‘feel’ of the current frontiers. 

1. Devices for harnessing Solar Power 

2. Hydrogen Energy System—Production, storage and distribu- 

tion of hydrogen, being hooked to atomic power plants. 
Energy Transfer among excited atoms and molecules 
Kinetics of fast reactions 
Organic Semi-conductors and Superconductors 
Isotopes by use of Laser beams 
Cancer (carcinogens and chemotherapy) 
Synthetic hormones and artificial genes 
Two new successful processes for Aluminium production 
. Organo-metallic compounds, e.g. ferrocene, etc. 


. New sub-atomic particles; Synthesis of radioelements including 
trans-uranium elements. 


12. Chemistry of the Upper Atmosphere and beyond F 
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India’s contribution to science in general and chemistry in parti- 
cular in recent past is dismally poor. Probably, the right minds 


have not been given the right scope. Much is being done lately to 


set things right. The author dreams of a day when our own scientists 


would create science instead of being mere spectators or users, and 
is up to you, our future scientists, to work your way up to this expecta- 
tion. 
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Prof. V. K. Agrawal, Moradabad (U.P.) :— 
of its type.” A 

-Dr. S. K. Banerji, Birla Engineering College, Pilani (Rajasthan) 
“. . . Elementary Physical Chemistry, has now become one of the 


standard works in Chemistry. Please accept congratulations for the 
same.” 


f. . . the book is unique 


Prof. B. S. Bansal, Lashkar (Gwalior) :—“I liked the book very much. 
It fully covers the syllabus of B.Sc.” 


Dr. M. M. Bokadia, School of Studies in Chem., 
Ujjain (M.P.) :—“. . . the 14th Edition of your 
Physical Chemistry’. In fact I like 


recommended it wherever I went.” 


Dr. K. V. Chander, Nizam College, Hyderabad (A.P.) :—“. . . I like 
to comment in one way only, if you permit—‘The book is not volu- 
minous but luminous.” 

Dr. S. K. Chatterjee, 
previous edition of 
in the College.” 


Prof. Bhaskar M. Desai, M.G. Science Institute, Ahmedabad-9 :— 
. . . I have very much liked the book—especially the fluid manner 
of representing the subject which normal sutdents find quite difficult 
to grasp.” 
Dr. R. J. Galagali, Banaras Hindu Universi Varanasi- -P.)— 
“.. Your book is a boon in our hands. Annie RNET 
buy a costly book of a foreign author, but he needs a good book with 
all chapters written, at a cheaper ra 


things and satisfies students.” E euit ook repki thee 


Prof. S. K. Ghodgaonkar, Indore : “. . found it highly satisf ti 
as it deals with all the branches of physical AS A aE 
B.Sc. classes.” 


Fror iS e ee College, JIND (Panjab) :—... The 
est part of your book is the stress hysi i 
yao e on physical concept with the help 


Prof. H. L. Khatri, Government Science College, Rai M.P.) :— 
“,.. Iam much impressed by the pattern of your Becks GEERS 
Prof. M. Koteswara Rao, Guntur Medi 


Vikram University, 
book, ‘Elementary 
d that book very very much and 


St. Setphen’s College, Delhi—“, , . I liked the 
your book and recommended it to my students 


(A.P.) :—“. . . your excellent text book “Element i is- 
try’ which I find ‘THE BEST?” mary physical Chemis 
Prof. D. D. Mahajan, D. A. V, College, 


Kanpur (U.P. :—“, | | this i 
the only standard book on physical ch a tus 


emistry for B.Sc. classes.” 
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Prof. Sreedhar Munshi, Indore : ‘Your book is a boon to the student 
community... equally useful for both the teacher and the taught 
...No other book of this standard possesses such a lucid treatment 
of the subject.” 

Prof. D. L. Mathur, Jodhpur: ‘Your book is an asset for both the 
student and the teacher.” £ 

Prof. T. Krishna Murthy, V.R.S. & Y. R. N. College, Chirala (A.P.) : 
“,.. Physical Chemistry for B.Sc., students written by Sri Santi 
Ranjan Palit is very nice for the students”. 


Prof. R. D. Ram, St. Columbas College, Hazaribagh (Bihar) :— 
“I have gone through your previous edition and found it very helpful 
to me and also for my students.” 
Dr. M. V. Ramana Murti, Banaras Hindu University, Varanasi-5- 
(U.P.) :—“... I am happy to write that I recommended the same 
to the B.Sc., students for the following good features I found in it : 
(i) the compact way the information is arranged while it is moderately 
exhaustive, (ii) presentation in simple scientific expression easily un- 
derstandable by our students, (iii) no mistakes of the press, (iv) plenty 
of illustrations with diagrams included very liberally and (v) nume- 
rical examples well dealt with and selected problems at the end of 
the Chapters.” 
Prof, T. S. Ramabhadran, Islamiah College, Vaniyambadi (Madras) : 
“you are doing a great selfless service to the student community 
by your publication—a very useful standard book at a surprisingly 
low price to suit the pocket of poor students.” 
Prof. N. M. Sahai, Patna-1 :—“Your book is a must for every student 
of chemistry.” 
Prof. R. D. Sharma, University of Jodhpur, Jodhpur (Rajasthan) :— 
«the book is my favourite to teach in the B.Sc. classes”. 

. Saigal, R. K. College, Madhubani (Bihar) :—“. . . we have 
EE e the book to oie B.Sc. students here who will surely 
derive benefits out of it.” i 
Dr. S. G. Tandon, Pachpedhi, Jabalpur (M.P.) :—“Your book is one 
of the finest books on Physical Chemistry for degree students ” 
Prof. (Miss) B. Vimala, Government Arts College, Ootacommend, 
NILGIRIS :—‘...I like the way you present the various topics of 
physical chemistry in vivid precise and easily digestible manner. 
Prof. Md. Wazed Ali, Rajshahi College, (East Pakistan) :—“To speak 
the truth, if we mean Physical Chemistry, we mean your book.” 
Prof. B. S. Yadav, Kurukshetra :—“. . - the book has attracted my 
heart very much. ... our students are very interested in the lan- 
guage of this book. K 
Prof. Mohan Kumar Sarkar, Burdwan Raj College (W. B.) :— 
“This is one of the best books for the B.Sc. Pass Students... . 
the book written in a very lucid manner is easily graspable to the 
students.” . 
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Dr. D. S. Jain, Maharajah College, Jaipur (Raj.) :—“. . . The book 
is useful both for students as well as for teachers. ; 
Dr. V. S. Naik, B. S. N. Govt. Degree College, Shajapur (M.P.) :— 


“.. . is really a very good book to be followed by the teacher as the 
students.” 


Prof. Ashish Ganguly, Balurghat College (W. B.) S This’ is 
the only book which I recommend to my students. 
Prof. V. S. Jolly, Maharajah College, Chattarpur (VER oT: 


am deeply impressed by the matter and its presentation.” 


Prof. D. Sundarama Rao, A. C. College of Engineering and Techno- 
logy, Karaikudi-4 (Madras) :—*. . . this book is used as a text book 
for the first two years of the B.E. degree examination,” 

Prof. S. R. Badjatya, Govt. P. G. College, Dhar, VED ese 
Physical Chemistry written in a very simple and easily understandable 


manner.” 
Prof. T. G. Sivaswami, R. K. Mission Vidyalaya, Perianaickenpalyam, 
Coimbatore (Madras) :—. . . the book is written in a very lucid 


Dinabandhu Andrews College, Garia, 

ONG Te ST usually follow your valuable book in my college. 
i, Madras Christian College, Tambaram (Madras) art 

. found it to be well suited for the requirements of the major 

and ancillary student in chemistry of the Madras University.” 

tosh College, Calcutta :—<*«, -. your book 


Iam constantly using for last 29 years in my classes and it is almost 
a standard Indian book, , 


Prof. G. Somayajulu, Govt. Arts College, Rajahmudnry (A-P.), :-— 
“Indeed it is a very good book and I 


am using the same for my daily 
class preparation, , . 
Prof. Purnendu Sengupta, Gurud: 


book is highly instructive, educative and indispensable too, for all 
students of physical chemistry in the Degree class, . .»? 


Prof. Jyoti Ranjan Bhowmick 
“The book I think is an indispensable one for the degree students.” 
Prof. Srinivasa Ramanujam, Vi 


as College, Calcutta-54 :—“The 


++. your book for Physical Chemistry which gives them (students) the 
necessary and sufficient materials neatly edited.” 

Prof. A. D. Kalkar, Holkar Science College, Indore GMB) pau 
your book has been followed by our students since many years.” 

Prof. R. Krishnana, V. T. M. N. S. S. 


College Trivandrum (Kerala) — 
“...it is a must for teachers and students of Physical Chemistry. ° 
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‘Prof. S. S. Parnerkar, Govt. Degree College, Rampura (M.P.) :— 
“... I have already studied your ‘Elementary Physical Chemistry” 
and realised the importance of it to B.Sc. students. . . .” 

Prof. V. V. Manake, Miss Hills Junior College, Gwalior (M.P.) :— 
“... wonderful. book on Elementary Physical Chemistry for B.Sc. 
students.” 

Prof. A Prosada Rao, Andhra Christican College, Guntur (A.P.) :— 
“... I have no doubt to remark that it ranks equally with the text 
books produced in foregin countries. . . ” A 
Prof. K. V. Satyanarayana, A. N. R. College, Gudivada (Andhra) :— 
“... I found the matter better represented than other Indian edi- 
tion I had read. . .” 

Prof. S. Mitra, Gurudas College, Calcutta :—‘‘... The book has 
earned so much reputation that it is indeed superfluous to reempha- 
sise its value to the student community as well as to the teachers.” 
Prof. H. B. Gohil, Sri P. P. Inst. of Science, Bhavanagar (Gujrat) :— 
«|. In working out the examples on Electrode Potential, it may 
not be>exaggeration if I put it that I referred to the Physical 
Chemistry books by Mee, Glasstone, Daniells, Moore and Phadke. 
From all these books it was not possible for me to have a clear grasp 
about the different cells set up. I happened to refer your chapter 
and on page 286 step 1, step 2, step 3 could solve all difficulties that 
were arising in my mind... Such lucid type of clear cut treatment 
was not available from the no. of books referred by me.” 

Prof. S. C. Bhatia, Maharaj Singh College, Saharanpur (U.P.) :— 
“I am sure that the 15th edition of your book will be welcomed by 
all interested in the subject.” 

Prof. (Mrs.) Annie Thomas, College for Women, Trivandrum :— 
«|. I congratulate you on bringing out such a nice text book on 
Practical Physical Chemistry, which is a fitting supplement to your 
earlier Text Book Elementary Physical Chemistry for B.Sc. students”. | 
Dr. V. K. Syal, Kurukshetra University :—“. . . Elementary Physical 
Chemistry... I have no words to expréss my gratitude for sending 
book to me”. 

Prof. P. Ganguly, Indian School of Mines, Dhanbad :—“. .. I may 
mention that the above book is generally recommended here as the 
text book of physical chemistry to the Ist year and 2nd year students 
of all branches of engineering”. 

Sri A. M. Chattopadhyay, M.Sc., I.I.T., Kharagpur—I have gone 
thro’ your ‘Elementary Physical Chemistry’ at least thirty times in 
past six years, ... I have always held very high opinion about the 
book... .” X 

Prof. M. Mukundakrishna Naidu, Post-Graduate Dept. of Chemistry, 
Mysore-6 : “I am following your book since 1956 and I have great 
pleasure to write that it is the best book written on physical chemistry”. 
Dr. (Mrs.) Lalita Pattrea, Vidyasagar College for Women, Calcutta :— 
«I find much pleasure to recommend your Elementary Physical 
Chemistry to my newly arrived students”. 
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Prof. R. G. W. Norrish, Sc. D., F. R, S. Nobi e PR = 

Laureate, formerly Professor and Head of the Depart 

ment of Physical Chemistry, Cambridge Univesity. 

Cambridge, England, writes to the author— F ix 
"| find you have covered the elementary field: of 

physical chemistry in a very effective way. May | wish 

you continued success with this work. | am sure many 

teachers owe you a debt of gratitude,” 
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i [For other opinions vide fast page inside] 


“Science, like that Nature to which it belongs, is 
neither limited by time nor Space; it belongs to woes. 5 
world andi is of no country and of no age.” 


— Humphry Davy 
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